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RADIATIONS FROM 83 MIN “Ba 


J. T. WASSON* and C. D. CORYELL 
Department of Chemistry and Laboratory for Nuclear Science, Massachusetts Institute 
of Technology, Cambridge, Mass. 


(Received 28 December 1960) 


Abstract—The decay scheme of 83 min '**Ba has been examined by detailed y-scintillation spectros- 
copy. The energies of the y-rays in MeV and their relative intensities are 0-165 (100), 1-092 + 0-015 
(0-12), 1-272 + 0-012 (0-30), and 1-433 + 0-008 (1-8). The second and third are new, and have been 
corroborated in an independent study of BUNKER and STARNER. No evidence was found for the y-ray 
of 0:78 MeV reported by JAsTRZEBSKI. Fig. 2 incorporates the results in a decay scheme, in which the 
absolute yield of the 0-165 MeV level of MACKLIN ef a/. has been used to calculate the S-group 
intensities. 


INTEREST attaches"? to the 83 min '°Ba as a prominent product of neutron activation 
of barium and of nuclear fission, and as a /-unstable species with 83 neutrons, one 
above a closed shell. We have produced this nuclide by activation of BaCO, or 
BaSO, by thermalized neutrons at the M.I.T. Cyclotron (1958) and the M.I.T. 
Reactor (1960). The chief contamination is from 12-day '*'Ba, which has a number of 
y-rays between 0-122 and 1:03 MeV"); the activity ratio® in a short irradiation is 
2 x 10-*. Some trouble was encountered with contamination by manganese (2-6 hr 
°6Mn with a prominent y at 0-845 MeV) and sodium (15 hr *4Na with a peak at 1-37 
MeV) in the barium salts. 

A previous study of !*°Ba by MITCHELL and Hess? showed /-rays of 2-380, 2:227 
and 0-822 MeV feeding the ground state and levels at 0-165 and 1-43 MeV respectively 
in '*°La. The relative intensities of the /-branches led to an incorrect assignment of 
the low-energy /-transition as allowed, and of the parity of the 1-43 MeV level as 
negative. 

MACKLIN et al. established a yield of 0-23 y-rays of energy 0-165 per /-decay in 
'89Ba. Assuming an MI transition (see below) for this y-ray, one expects internal 


conversion to occur in 28 per cent of the decays of this level, so that the 0-165 MeV 
state should be populated in 32 per cent of the decays. We use this value to complete 


$-intensities from our y-intensities. 

In a recent paper JASTRZEBSKI reported /-decay branches at 2°30, 2:14, 1-40 and 
about 0-9 MeV. He also observed y-rays at 0-165 and 1-430 MeV, and one at 0-780 
MeV in coincidence with the 0-165 MeV transition. We fail to find the 0-78 MeV 
y-ray, as well as evidence for y-transitions of 0-950, 0:500 and 0-280 MeV for which 
he finds evidence. 


* National Science Foundation Predoctoral Fellow 1956-58; Present address: Air Force Cambridge 
Research Laboratories, Bedford, Massachusetts. 
') J. T. Wasson. Thesis, M.I.T. (1958). 
*) 'W. C. BecGs, B. L. Rospinson and R. W. Fink, Phys. Rev. 101, 149 (1956). 
‘*) A. C. G. MITCHELL and E. Hess, Phys. Rev. 95, 727 (1954). 
R. L. MACKLIN, N. H. Lazar and W. S. Lyon, Phys. Rev. 107, 504 (1957). 
°) M. E. Rose, Beta- and Gamma-Ray Spectroscopy (Edited by K. SIEGBAHN), Appendix IV. Interscience 
Publishers, New York (1955). 
©) J. JASTRZEBSKI, J. Phys. Rad. 21, 12 (1960). 
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lows the y-ray spectrum obtained during a 20 min count, the start of which 
after the end of a | hr irradiation. The source consisted of 20 mg BaSO, 
1ounted 9-5 cm above the face of a 3 in. by 3 in. Nal(Tl) crystal. 


iil 


el analyser was used for the pulse-height analysis. The top curve 


gross-counting rate per channel. The detailed analysis of 


127 1.43 Mev 





100 
Number 


1-activated barium (83 min }*°Ba plus 12 day }*'Ba, with 
Mn). Analysis is described in the text. 


the spectrum is based on Oak Ridge techniques, illustrated by HEATH”. The 


Bremsstrahlung curve is sketched in with known shape™ and set in height by sub- 
traction of the '*'Ba peak at 0-620 MeV, and the high-energy peaks of the **Na and 
*6Mn contaminants. The background spectrum due to the y-spectrum of the con- 
taminating activities is based on spectra taken 4 hr, | day and 2 days after the count 


represented by the top curve. 


After subtracting the Bremsstrahlung and contaminant curves from the gross 


counting data, one finds that the high-energy portion of the spectrum can be separated 
Report IDO-16408, Phillips Petroleum Co., available from the Office of Technical 


nt. 2 ~~ = 
Serv S. Dept. of Commerce, Washington 25, D.C. 
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into components due to y-rays of 1-433 + 0-008, 1-272 + 0-012 and 1-092 + 0-015 
MeV as shown by curves A, Band C. The shapes of the individual components are 
extrapolations of measured spectra of known sources (e.g., the 1-28 MeV y of 2-6 yr 
#2Na). The intensities of these y-rays are 1-8, 0-30 and 0-12 relative to the intensity of 
the 0-165 MeV y taken as 100. The intensities are obtained from the photopeak areas 
by use of HEATH’s absolute-efficiency and peak-to-total curves. The accuracy in the 
intensities is estimated as within 20 per cent for the three high-energy peaks relative to 
each other, and 40 per cent with respect to the yield of 0-165 MeV y-rays. The peaks 
seen at 0-33 and 1-6 MeV are interpreted as sum peaks. 


TABLE |1.—COMPARISON OF /-DECAY ENERGY, BRANCHING FRACTION, AND LOG(ff) VALUES FOR 
83 MIN 7°°Ba 











MITCHELL and Hess" JASTRZEBSKI'® This work 


) 


rf 
Transition > » 
Ep Fraction Log(ft) Fraction Log(ft) =p Fraction 


ground-state 2-380 0-15 “f 3 0-50 7-0 0-68 * 
0-165 level 2:227 0-66 8 0-37 7-0 0-32* 
(0-95 level) 0-19 6°6 not found 
1-43 level 0-822 0-19 ‘900 0-01 ~7 95 0-0048 + 
transition 

with 1-094 ) 0-:0003 
MeV Y 





Yield taken from MACKLIN et al. y-intensity corrected for internal conversion (see text). 
+ From y-intensities and footnote above 
t Log (W,° 1)(ft) 8-3 for first-forbidden, unique. 


* 


A peak at 0°78 MeV (as reported by JASTREZEBSKI'®?) is sketched in with a broken 
line, and represents an upper limit of the intensity of a possible y-ray of this energy. 
The calculated y-intensity of <0-03, compared to the 0-165 MeV y as 100, is obtained, 
which is 100-fold lower than indicated by JASTREZEBSKI’s /i-decay data, and also much 
lower than his y-y coincidence data indicate. We feel that his 0-78 MeV peak must 
come from a contaminant, presumably one also having another y at about 0-16 MeV. 
We find no evidence for his 0-950, 0-500 and 0-280 MeV peaks, for which he also has 
only scant evidence. 

We assign our two new y-rays, the 1-272 and 1-092 MeV transitions, to °Ba on 
the basis of their decay with the expected 83 min half-life. The 1-272 MeV y is 
assumed to be the transition from the 1-43 MeV level to the 0-165 MeV level. The 
1-09 MeV transition is not included in the decay scheme for lack of sufficient evidence 
to allow assignment. BUNKER and STARNER‘® have informed us that they also find 
these transitions in }**Ba decay. 

It is interesting to compare the different investigations on the basis of the /-decay 
energies, branching fractions, and log (ft) values calculated from these two numbers, 
as shown in Table 1. The values of MITCHELL and Hess‘) and JASTRZEBSKI'® are 
taken directly from their articles. We have assumed the accuracy of the MITCHELI 
and Hess energy for the ground-state transition, and calculated the energies of the 
other transitions from this energy and the energies of the y-transitions (see Fig. 2). 
Our branching fractions are due to MACKLIN ef al. for the branch to the 
first-excited state, and to the total y- intensities of the 1-43 and 1:27 MeV y-rays, 
which presumably represent the total branching to the 1-43 MeV level. Thus, the 


8) M. E. BUNKER and J. W. STARNER, Los Alamos Scientific Laboratory, private communication (1959-60). 
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fraction of the /-decays leading to this state is (1-8 + 0-3) x 3335 0-0048. The 
fraction going to the ground state is then 0-68, obtained by subtraction of 0-32 from 
1-00. The table indicates error in the MiITCHELL-HEBB branching to ground state and 
to the 1-43 MeV level. The agreement of the present work with JASTRZEBSKI’s main 
transitions is satisfactory except for that pertaining to decays to the possible level at 
0-950 MeV. 


139 
82.9 -min 595 fyp~ Loa 
a 


. % 


0.95 0.5% 
7.5 


1.433(d3+, or 
Ye, "2, Ye *) 





2.38 68% 
70 


l.7ns 
oles 0.165 d¥2+ 


1(72%7,28%e"), 














9 %2* 
Decay scheme of 82-9 min 1°°Ba. A 1-09 MeV y occurring in 0-03 per cent of the 
decays is not included. 


\ proposed decay scheme is shown in Fig. 2. The half-life of °°Ba of (82-9 + 0-1) 
min is the recently published value of BUTLER and Bow es‘®). The ground state is 
taken as f-..— in accord with the known sequence of single-particle levels in nuclei 
and in accord with data" for two other 83-neutron species 'Ce and “Nd. The 
:.. ground state for '*La is assigned in accordance with atomic spectroscopy data” 
and the known sequence of shell filling for nuclei. The first excited state is assigned 


a spin =, in accordance with shell-model predictions, and due to the MI character 
of the 0-165 MeV transition as shown in lifetime and internal-conversion ratio 


measurements."?>!) The 1-433 MeV level may be the d;,.+ state predicted by the 
shell model. The 0-95 MeV /-transition would be unique first-forbidden in this case, 
and the log (W,° |) (ft) value of 8-3 corresponds reasonably well to the value 
expected for such a transition. The relative intensities of the 1-433 and 1-272 MeV 
y-transitions fit Way's") empirical transition probabilities best if £2 and MI natures 


» J. P. BUTLER and B. J. Bow .es, J. Inorg. Nucl. Chem. 6, 346 (1958). 
D. STROMINGER, J. M. HOLLANDER and G. T. SEABORG, Rev. Mod. Phys. 30, 585 (1958). 
L. R. SHEPHERD and J. M. Hitt, Nature, Lond. 162, 566 (1948). 
K. Way. D. N. Kunpou. C. L. McGrnnis and R. vAN LiesHouT, Ann. Rev. Nucl. Sci. 5, 129 (1956). 
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are assigned, respectively, as would be the case if the 1-433 MeV level is ;+-, but the 
level cannot be conclusively assigned. An assignment of this beta-transition as simply 


first-forbidden would indicate a 5+, - or = spin and parity for the state. 


Acknowledgements—The support of the U.S. Atomic Energy Commission is acknowledged. The 
authors thank E. F. Wuire for assistance with cyclotron runs, and Drs. M. E. BUNKER and J. W. 
STARNER for discussions of work in progress. 





THE INDEPENDENT YIELD OF "Cs IN THE 
THERMAL NEUTRON FISSION OF 
25U, 230 AND *9Pu* 


W. E. GRuMMITT and G. M. MILTON 
listry Branch, Atomic Energy of Canada Ltd., 
Chalk River, Ontario, Canada 


(Received 15 November 1960) 


Abstract remeasureme! f the independent yield of *°*Cs in the thermal fission of **°U, *°°U and 
I alues of 6°85 10-*, 0-118 and 8-35 10-* per cent respectively. All 
igreement with those calculated from the equal charge displacement hypoth- 

U fission was found to be unchanged by a cadmium wrapping, provided that 

1 been taken in preparation of the irradiated sample. Some discussion of the possible 


; results obtained in preliminary measurements is included. 


1949 GLENDENIN™) published recalculations of independent yields of #°°Cs origin- 

measured in 1946’) and in a more recent compilation”? he lists values of 6-2 
10-*, 0-12 and 8-9 « 10°? per cent for *°U, *°U and ***Pu fission respectively. More 
recent work has indicated that these values, particularly for *°U and **Pu fission, may 
be substantially in error,“**) so that a careful redetermination is required. 

Iwo improvements in technique which overcome difficulties inherent in the pre- 
vious measurements should make the present work considerably more reliable, namely, 


(1) the use of a 47 counter to measure the disintegration rates of both *®Cs and !*’Cs 


same source, with only small correction factors required to compensate for 
+ 


energy, and (2) the use of ion exchange resins to prepare carrier-free 


cesium highly purified from all fission products including the other alkali metals. 


EXPERIMENTAL 


samples for trradiation 


> only serious criterion used 


in the preparation of the sample was that of convenience; 
im samples were sealed in quartz tubing, while some of the *°L 


iinium or platinum foil and others dried into quartz or polythene tubing. 
Branch, Atomic Energy of Canada Limited, Chalk River, 

35, Laboratory for Nuclear Science, Massachusetts Institute 

(1949) 
D. W. ENGELKEMEIR and N. SUGARMAN, Radiochemical Studies The Fission Products 
y D. CoryeLt and N. SUGARMAN) NNES, Plutonium Project Record, Div. IV, Vol. 2, 
(1946). McGraw-Hill, New York (1951). 

ENDENIN, Radiochemical Studies: The Fission Products (Edited by C. D. CoryecLt and N. 
AN) NNES Plutonium Project Record, Div. IV Vol. 2, paper 159 (1946). McGraw-Hill, New 


nd G. WILKINSON, N.R.C. Report MC-233 (1946); Nature, Lond. 158, 163 (1946): 


NDENIN, Proceedings of the International Conference on the Peaceful Uses 
5). Vol. 7 p. 3. United Nations (1956). 
munication. (1955). See Ref. 5. 
J. Chem. 38, 421 (1960). 
C.L. Report PR-CM-10A, 24 (1957). 
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Preliminary results indicated, however, that inconsistent values were obtained unless all of the fission 
fragments were caught during the irradiation and were completely dissolved for the radiochemical 
analysis. Consequently all subsequent **°U and ***Pu samples were dried on superpure iron oxide 
powder and irradiated in quartz tubes as recommended by BaerG ef a/.‘°’ The overall bulk of the 
samples was very similar to that of the natural uranium, with less than } per cent of the fragments 
} 


reaching the walls in all cases. 


B. Chemical purification of cesium 


Following irradiation in the NRX reactor, the sample was recovered by breaking the quartz 
container into hot 10 M hydrochloric acid containing a few drops of nitric acid and cesium (10 jg), 
rubidium (5 mg) and barium (1 mg) carriers. After a short boiling period the solution was passed 
successively through two Dowex | columns to remove uranium and the anionic fission products. 
Subsequent repeated scavenges of iron with NaOH and strontium with Na,CO; (at least three of each) 
were required to remove the alkaline earth and rare earth fractions quantitatively. These could later 
be combined and analysed for Ba if a chain yield measurement was required. By working with very 
small volumes and alternating these scavenges with HCIO,—alcohol precipitations of the Rb-Cs 
fraction, the amount of Na introduced into the sample was kept at a reasonable level. Finally the 
Na-Rb-Cs mixture was separated into its components by elution from an Amberlite IR 100 column 
as outlined by CABELL and SMa_gs."'”) (The first two elements were taken off with 0-1 M HCI before 
the Cs was eluted with 1 M HCl.) The Cs fraction so obtained was essentially “‘carrier-free’’, and by 
careful preparation of the column with re-distilled HCl the amount of non-volatile inactive material 


present was low enough to allow the preparation of satisfactorily thin 47 sources from this solution. 


C. Counting of samples 

11) and MERRITT et a/.'!” 
Colloidal silica was used as a spreading agent, and the films were rocked during the drying period to 
improve further the uniformity of the sources. Counting of all sources continued until all *Cs had 


decayed and a reproducible value had been obtained for the '**Cs remaining 


RESULTS 


In order to separate the total activities of the samples into their Cs and '°"Cs 
components the counting data was treated by the graphical method outlined in 
Handbook of Radiochemical Analysis, Volume 1,‘'*) in which gross activity is plotted 
as a function of the decay component exp (—Ar) for the 13 day °Cs. Fig. 1 shows a 


typical curve, where the }°°Cs component at f, is represented by the differential dy/dx, 


and the '*’Cs component at the same time by the intercept on the y-axis. 

In calculating the independent yield of Cs from these data, corrections must be 
made for the degree of saturation reached by each species during the irradiation, the 
addition of the ’"Ba conversion electrons to the apparent '**Cs component, self 


absorption in the source and film absorption. 


Yield Cs N, SyAF 
Yield "Cs Np 


A. P. BAERG, F. BRown and M. Lounssury, Canad. J. Phys. 36, 863 (1958). 

10) M. J. CABELL and A. A. SMALES, Analyst 82, 390 (1957). 

11) B. D. Pate and L. YArFe, Canad. J. Chem. 33, 15 (1955). 

12) J. S. Merritt, J. G. V. TAYLOR and P. J. CAMPION, Canad. J. Chem. 37, 1109 (1959). 
Handbook of Radiochemical Analysis, Vol. 1, p. 83. U.S. Dept. of Commerce OTS. (May, 





W. E. Grummitt and G. M. MILTON 


activity of °Cs at ft (44 13 days); 

activity of #°’Cs at tf (t} = 30-0 years); 

the ratio of the degree of saturation of the two nuclides in the irradia- 
tion: 

|-10 = the correction for the contribution of "Ba to the apparent 
counting rate of Cs" (This value is substantially unchanged by 
recent data’): 

self-absorption in the source,” 

absorption in the thin film.“ 











Decay of mixture of '°*Cs and }°7Cs 
'87Cs component y intercept = 1540 
2795 1540 


Cs component dy/dx 
, 0-1 


[his calculation is illustrated for the data of Fig. 1. 

Yield 1°6Cs Se . “7 10-3 « 1-03 1-005 : ‘ 
———___— ie : : 1-65 10-2 

Yield 13 Cs 1,540 





Hence the independent yield of *®Cs = 1-65 x 10°? 7-16 = 0-118 per cent where 
7:16 per cent is the cumulative yield of '’Cs in ?3U fission.“® The fractional chain 
yield is of course given by dividing the independent yield by the cumulative yield of 
the mass 136-chain. However, as this is not accurately known for 7°U fission, the 


smooth chain yield of 7-0 per cent has been used here. 


F. Brown, G. R. HA.t and A. J. WALTER, J. Inorg. Nucl. Chem. 1, 241 (1955). 
Y. YOSHIZAIVA, Nucl. Phys. 5, 122 (1958). 
S s 16, 78 (1958). 
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In order to establish that the observed '°Cs activity had resulted directly from 
uranium fission, and not from capture in an adjacent decay chain, several experiments 
were carried out to check the “independence” of the measured yield. These included 
irradiations at varying fluxes and energies of incident neutrons. In the course of these 
experiments it was noticed that the method of sample preparation affected the results 
very considerably. As seen in Table | the '°Cs yields measured in microgram samples 
of *8U dried directly into quartz or polythene were almost double those measured in 
duplicate samples dried on superpure iron oxide filling the quartz tube. When the 
latter were found to agree closely with results for cadmium-wrapped samples it was 
assumed that the high values were in error, resulting from preferential loss of !°°Cs 
over '*6Cs in the incomplete dissolution of fission fragments after irradiation, 


TABLE 1.—EFFECT OF SAMPLE PREPARATIONS ON THE APPARENT YIELD OF !“°Cs IN 782U FISSION 





Sample Size of Length of Fractional chain 


Preparation of sample 
number sample (jg) 


irradiation — yield of }*Cs (%) 


10 Dried in quartz 6 hr 3-14 10 
100 Dried in polythene 1 hr 2:90 10 
10 Dried on Fe,Oy in quartz 14 days 1-71 10 
Dried on Fe,QOy in quartz 8 hr 1-73 10 
Dried on Al foil, wrapped in cadmium 2:5 days 1-69 10 

Dried on Pt foil, wrapped in cadmium 4 days 1-67 10-2 





Table 2 is a compilation of all the fractional yields measured, with the exception of 
the two very high values for °U fission given in Table 1. The data of Table 2 indicate 
that °Cs is not being produced by neutron capture in mass 135. 

Table 3 gives average values for both independent and fractional chain yields 
obtained in the present study. For comparison, previously published data are 
included, together with predicted values for the “equal charge displacement hypoth- 
esis?) obtained with the modified formula.“® 


DISCUSSION 


As can be seen from Table 3 the new measurements show little alteration from the 


previous values of GLENDENIN, though the accuracy associated with the present data is 
considerably greater. In all cases the agreement is within the errors attributable to the 
earlier measurements. However, the values reported by Cook for **Pu and by 
SANTRY and YAFFE? for *3°U have not been substantiated. The agreement within the 
present data is also good (+2 per cent for °U, +1 per cent for °U yields) and no 
significant variations can be observed with changes in incremental or integrated flux, 


or with neutron energy in the region studied. 

The influence of sample preparation probably deserves some comment here, as it is 
one which has been most often overlooked in similar experiments. As yet no simple 
explanation of the spurious results of Table | is available. It would appear that in 
these cases '**Cs must have been lost to the sample container, since in all other cases 
17) |. E. GLENDENIN, C. D. CoryeLt and R. R. Epwarps, Radiochemical Studies: The Fission Products 

(Edited by C. D. CoryeLtt and N. SUGARMAN) NNES Plutonium Project Record, Div. IV, Vol. 9, 

paper 52. McGraw-Hill, New York (1951). 

18) W. E. Grummitt and G. M. MILTon, A.E.C.L. Report CRC-694 (1957); J. Inorg. Nucl. Chem. 5, 93 

(1957) 
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The independent yield of '*°Cs in the thermal neutron fission of 


the fission fragments were caught by another material (uranium-238, aluminium or 


platinum foil, or iron oxide) which was completely dissolved prior to the analysis. 


Measurements of the ranges of °Cs and '*‘Cs now in progress (BROWN) indicate 
that these may differ by 10 per cent. However, any reasonable calculation of distri- 
bution of recoil fragments would indicate that the difference in penetration of the 


quartz or polythene so caused could result in no greater than a 10 per cent error in 


TABLE 3.—COMPARISON OF FRACTIONAL AND INDEPENDENT YIELDS FOR 


Predicted Indep. yield Indep. yield 


/ aay fractional yield 

Z-Zp fractional chain tl : published values this paper 
: nis paper P 

yield (Re Pay ( ) 


1-06 10 


relative yields. In the event that 50 per cent or more of the fragments are acid-leached 
from the container, or an appreciable number of the fragments are stopped before 
reaching the walls, this error would be substantially decreased. Consequently in the 
present case it must be assumed that some other mechanism such as sorption or 
diffusion is responsible for the resulting variations in ®Cs/!°"Cs ratios. 

Most of the ‘Cs arises from /-decay of xenon and iodine fission fragments, 
whereas the 1°°Cs is produced directly and is initially chemically dissimilar to the 137- 
chain. The diffusion of fission products in uranium and graphite is a subject receiving 
much study at the present time and it is to be expected that its solution will help to 
clarify the present problem. 


F. Brown, A.E.C.L. Report PR-CM-20 (1959); Canad. J. Chem. 39, 616 (1961). 
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CROSS-SECTION RATIOS OF THE *Br ISOMERS IN 
SOME REACTIONS INDUCED BY 70-160 MeV PROTONS 


I. B. HALLER and G. ANDERSSON 
The Gustaf Werner Institute for Nuclear Chemistry, University of Uppsala, Sweden 


(Received 30 December 1960) 


Abstract—Electromagnetically mass separated sources have been used to measure the cross-section 
ratio o(°°"Br)/o(°°’Br) as a function of bombarding energy for proton-induced fission of uranium and 
spallation of yttrium and for the (p, pn) reaction on bromine. In the last-mentioned case the ratio 
remains constant within error limits, whereas spallation and fission show clearly decreasing and 
increasing ratios, respectively, when the energy increases from 70 to 160 MeV. 


[HE study of relative yields of isomers offers a way of gaining information about 
momentum transfer in nuclear reactions and thus can serve as a test of reaction models. 
It is not the intention to review here the rather limited number of publications that 
have appeared on the subject; for a recent survey reference is made to a paper by 
BaAILey.') 

Most of the investigations have concerned reactions in the compound-nucleus 
region, where sometimes even quantitative interpretations of the results are feasible and 
where the experimental difficulties are normally not discouraging. Higher bombarding 
energy leads to the formation of a greater variety of nuclear species, in many cases 
making the decay curves after only a chemical isolation of the element too compli- 
cated to be resolved. The purpose of the present work was to contribute to the 
meagre knowledge of isomer yield ratios in high energy reactions by taking advantage 
of the availability at the Institute of an electromagnetic mass separator.) In par- 
ticular a comparison between the variation with energy of the yield ratios for one and 
the same isomeric pair in various proton-induced reactions, notably spallation and 


fission, was aimed at. The main idea was to avoid in this way the influence of 
differences in level structure of the product nuclei and of insufficient knowledge of 


decay properties. 

To perform this study an isomeric pair was required, which 

(1°) can be obtained with good yield both in fission and spallation, preferably 

from an anisotopic target element, 

(2°) is shielded by stable or long-lived isobars, 

(3°) has reasonable half-lives, 

(4°) belongs to an element that can easily be isolated chemically and be mass 

separated with good efficiency. 

No altogether ideal pair seems to be known. “Br, with an 18 min ground state 
and a 4-4hr metastable state, was chosen as the most suitable case, fulfilling all the 
requirements above except (3°). The ground state is indeed too short-lived in view of 
the necessity of making a mass separation as well as a chemical separation before 
Starting the activity measurements. This led to considerable experimental errors, 


S. M. BaiLey, Report UCRL-8710 (1959) 
G. ANDERSSON, Arkiv Fysik 12, 331 (1957). 
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especially in the relatively frequent cases when formation of the low-spin ground state 
was highly unfavoured. 

Owing to this difficulty it has neither been possible to complete the investigation 
to the originally planned extent, nor to achieve the desired accuracy throughout. The 
results obtained seem to be significant enough, however, to warrant their publication. 


EXPERIMENTAL PROCEDURES 
A. Bombardments 


Three target elements have been used: yttrium for the spallation study, uranium for high energy 
fission, and bromine for the (p, pn) reaction. All bombardments were carried out in the circulating 


TABLE 1. 





Bombarding energy (MeV) . 
: : = oy Number of 
Target element Chemical form 

7 bombardments 
Max. Average 


100 85 
145 130 
175 160 


70 


70 
100 
130 
160 





proton beam of the Uppsala synchro-cyclotron, the bombarding energy being determined by the 
radial position of the target. The relative beam intensity was continuously recorded during the 30 
min that each irradiation lasted. Data on target materials and bombarding energies are given in 
Table 1. 

The potassium bromide used was a p.a. reagent from Merck, Darmstadt. Yttrium sulfate was 
made from 99-9 per cent oxide (A. D. Mackey, Inc., New York) and concentrated sulphuric acid. A 
method developed by KJELBERG'* was applied to the preparation of uranium trioxide from uranyl 
nitrate (Bakers p.a.). 

Targets were prepared by packing the materials in powder form into small containers of aluminium 
foil, which were then shaped to give a surface density in the beam direction of about 1 g/cm*. 

The (p, pn) reaction on Br has been studied up to 100 MeV by MEapows et a/.,"*’ and thus it was 
considered sufficient to include just one point below this average energy for comparison. In the other 
cases the bombarding energies were chosen with regard to the considerable energy spread of the beam 
as apparent from the difference between maximal and average energy (Table 1). 


B. Chemical separations 

Because of the short half-life of the *°Br ground state it was very important to bring the separation 
time down to a minimum. We therefore tried to simplify the standard radio-chemical procedures as 
far as the demands for yield and purity allowed. Quantitative separation of bromine was not required 
since only relative isomer yields were to be measured. It may be remarked that a subsequent mass 
separation should make contamination from all but the nearest few elements negligible. The chemical 
separations to be described in the following could be completed in about 20 min. 


‘3) A, KJELBERG. Private communication. 
‘) J. W. Meapows, R. M. Diamonp and R. A. SHARP, Phys. Rev. 102, 190 (1956). 
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radiate 
AGlALCaG 


solution which was faintly acidified with nitric acid. The silver bromide precipitate was 


i KBr was dissolved in water, and silver nitrate was added to precipitate bromine 


absolute alcohol, slurried in acetone, transferred to a stainless steel crucible for mass 


] j 


rie 
a ariea 


ilphate and uranium trioxide targets were dissolved in diluted sulphuric acid containing 


carrier. The bromine was precipitated and further treated as described above. In the 


case an intermediate step was added, involving oxidation with potassium permanganate, 


yn of the Br, formed into carbon tetrachloride, and back-extraction into an aqueous phase in 
yresence of sodium bisulphite. Isomer separation during the CCI, extraction was negligible since 
i 2 ‘ giig 


smaller than the *°”Br half-life. 


ise of our mass separator to prepare samples for relative yield measurements has been de- 

1 some earlier publications."°:*-“’ To summarize the situation it can be stated, first, that only 

pes of the same element can be directly compared because of the different, and in general 

1 probabilities that characterize the various elements under the actual ion source 

when a series of isotopes is studied, errors could be introduced by mass- 

in the ion source or by differences in collection efficiency, due for instance to 

1 currents of stable isotopes causing sputtering, or to improper placing of the 

narrow strips are used in order to avoid contamination from neighbouring masses. 
10wever, such sources of error do not influence the yield ratio of an isomeric pair. 

esent investigation, bromine was fed to the ion source oven as AgBr. At an oven tempera- 


ut 500°C the silver bromide decomposes, leaving silver deposited in the oven, while the 
vaporates into the discharge chamber and is ionized. The normal duration of the separator 
i : 
30 min. Mass 80 was collected on 5 mg/cm? aluminium strips, which were then used for 


nents 


he collector strips from mass separation were mounted on standard sample holders of lucite and 
ictivity was followed down to the background at a fixed distance from the 250 uwg/cm? VYNS 
idow of a proportional tube of the gas flow type. Corrections for coincidence losses were negligible 


throughout the measurements because of the low activities concerned and the short dead-time of the 


te , j 
counter, 2 see 


The decay scheme of the *°Br isomeric pair, mainly reproduced from Nuclear Data Sheets, 
1 Fig. 1. As both *°Se and *°Kr are stable, it is possible to count the activity of the 


1S 


ne, if the low energy radiations due to the metastable state are removed. In this 

antageous case the yield ratio of the two states can be determined directly from the activity curve 
Section 2) and no corrections for absorption and scattering effects and variations in sample 
need be applied. In order to suppress both the conversion electrons and the electromagnetic 


, notably X-rays, from the decay of *°™Br, a 13 mg/cm? Au absorber was used. 


TREATMENT OF DATA 


As already indicated, the determination of relative activities of isomers becomes 
especially simple if the genetic relationships are such as in the “Br case and the 
radiation from the lower energy state can be exclusively counted. The observed 
activity curve will then represent a superposition of two exponential decays: one, 
characterized by the decay constant 4,, due to independent formation of the ground 
state during the irradiation and the other, characterized by the decay constant Z,,, due 
to the growth of the ground state from the metastable state. 

ERSSON, Phil. Mag. 45, 621 (1954). 
rAM. Thesis, University of Uppsala (1957). 


;AARD, G. ANDERSSON, J. O. BURGMAN and A. C. Pappas, J. Jnorg. Nucl. Chem. 5, 105 (1957). 
Data Sheets, National Academy of Sciences—National Research Council, Washington, D.C. 
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The mathematics involved is quite elementary (see for instance reference 9) and 
will not be dealt with in detail. If the beam intensity is assumed constant during the 
irradiation time 7, the cross-section ratio is given by 

hI e 
A, 


_— A (1 
A. 





; 


where A, and A, are obtained by least squares analysis of the activity curve as the 
counting rates corresponding to the two components mentioned above at the time f 
after the end of the bombardment when the activity counting is started. 


TABLE 2 


Average bombarding . 

. . Cross section ratio 

Target nucleus Spin energy 
"= regi Om/Oce 
(MeV) , 

“Br ; x 0-03 

0-13 

0-09 


1-0 
0-6 
0-44 
0-40 


0-25 
0-45 
0-36 
0-70 





In the actual runs the proton current varied somewhat. This was taken into 
account by dividing the irradiation time into intervals, within which the current could 
be approximated as a linear function of time, and summing up the contributions of 
activity from each interval as described in reference (6). In the cross-section formula 
above this causes only a replacement of the parentheses containing T by more com- 


plicated expressions. 


The half-lives used in the calculations were weighted averages of those reported 


by KING and VorGtT”®). 4-38 0-Ol hr and 17:57 0-07 min for the metastable 


state and ground state, respectively. 


3. RESULTS AND DISCUSSION 
Table 2 summarizes the experiments performed and their results. In the first 
column, giving the target nuclei, it may be noted that when natural bromine is 
bombarded with protons, only *'Br (and not Br) is active in producing *Br. In the 
case of uranium, its content of **°U is disregarded. 
As seen in column 4, the statistical errors (arising mainly from the least squares 


* H. B. Levy, Report UCRL-2305 (1953). 
(10) A, M. KinG and A. F. VoicT, Phys. Rev. 105, 1310 (1957). 
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analysis of the activity curves) are considerable in several cases, reflecting the experi- 
mental difficulties discussed in the introduction. In view of this fact, minor systematic 
errors, such as the possible contribution from secondary particles due to the rather 
thick targets, have been neglected. 

Fig. | illustrates the variation of the cross-section ratios with bombarding energy. 
lhe indicated errors in energy correspond to the half-width of the intensity distribution 
in the proton beam, which is known to be fairly constant in the energy region con- 


cerned and equal to about 15 MeV. 


o:-Ufission 
Y spallation 
x "ar (p pn this work 


© »'Br(p pn) Meadows etal,Phys. Rev 102, 190(1956) 


18m ©3 Br 


~ 8% ~92%\ B 200,138 
VY 062 





100 150 200 MeV 


Fic. 1.—Cross-section ratios of the *°Br isomers as functions of bombarding energy in some 
proton-induced reactions. The full curve reproduces the (p, pn) results from reference (4). 


Included in the figure is also the (p, pn) curve obtained by MeEApDows et al. A 
comparison with their results supports the assumption that no appreciable systematic 
error is introduced by the mass separation. Further, the tendency of a flattening out 
of the curve towards higher energies is confirmed in the region of present study. Very 
recently a somewhat lower average @,,/¢, value (about 1-13) has been reported by 
STROHAL and CaretTTo"” for protons between 250 and 440 MeV, indicating a 


continued smooth decrease of the ratio. 

The appearance of a maximum in the (p, pn) curve at about 30 MeV can be 
ascribed to a competition between the formation of a compound nucleus, characterized 
by fairly high excitation and a correspondingly high angular momentum brought in 
by the bombarding proton, and various knock-on processes."*) At energies where the 
contribution from the former mechanism becomes negligible, there are two principle 
alternative ways for the simple reaction to proceed: 


P. P. STROHAL and A. A. CaretTTo, Jr., Phys. Rev. 121, 1815 (1961). 
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(1) A proton is initially knocked out, leaving an intermediate nucleus with 
sufficient excitation energy for the evaporation of a neutron, but in a lower 
average spin state than a compound nucleus de-exciting to the same product. 
The proton and the neutron are both ejected as a result of the primary collision, 
leading directly to levels in the residual nucleus of relatively low excitation 
energies (below the threshold for nucleon emission) and, consequently, with 
small contributions of angular momentum from the nuclear cascade. 

It seems reasonable to assume that the second alternative becomes increasingly 
probable relative to the first one when the bombarding energy is raised. This would 
explain the slight decrease in yield ratio from the energy region of our investigation 
(o,,,/6, ~ 1-3) to the one covered in reference (11) (250-440 MeV, o,,/a, < 1:2). The 
experimental accuracy, however, is insufficient to allow any conclusions to be drawn 
as to the relative importance of the two reaction modes at the energies concerned. It 
may be noted, that in the BeV region the two-nucleon cascade is estimated to account 
for more than 95 per cent of the (p, pn) reactions.“*? 

The qualitative picture of the reaction mechanism sketched above can be applied 
also to the yttrium spallation, the main difference being the enormously increased 
number of reaction paths made available with increasing distance between target and 
product nuclei. In the actual case the reaction can be written as Y(p, 5p5n). Obviously, 
a compound nucleus would have to be given a considerably higher excitation energy 
in order to evaporate five protons and five neutrons than to evaporate one of each 
kind as in the (p, pn) reaction. The same holds true, mutatis mutandis, about the 
whole series of possible intermediate nuclei following knock-on processes. Assuming 
again a correlation between transfer of excitation energy and of angular momentum 
in the primary collision process, which is in fact supported by Monte Carlo cal- 
culations‘® and by additional work on relative yields of isomers in this type of 
reaction,“* one can readily understand both the magnitude of o,,/o, from yttrium 
spallation and the general behaviour of the ratio as a function of energy. 

Such simple considerations do not seem to apply to fission, where the energy 
dependence of the yield ratio is in the opposite sense. A similar trend was observed by 
Hicks and GiLpert” for the “°Cd isomers from bombardments of uranium with 
50-340 MeV protons and 50-190 MeV deuterons, although there the formation of the 
low-spin ground-state was favoured throughout. At low deuteron energies (10-25 
MeV) SHarP and Pappas'®) found the '°Cd isomer yield ratio to decrease when the 
bombarding energy was raised, indicating a minimum in the o,,/0, versus energy curve 
between 25 and 50 MeV. Unfortunately the low absolute yield of *°Br from uranium 
below 50 MeV has so far made it unfeasible to extend the present investigation down to 
this energy region, which would have been the more interesting as symmetric fission, 
essential for the interpretation of the "°Cd results,“* can hardly contribute in the 
bromine case. The inclusion of other target nuclei, notably ?*Bi(I = $), also seems 
highly desirable in order to obtain a more complete picture of the phenomena 
involved. Such extensions of the investigation, however, depend critically on the 


possible future development of more efficient and less time-consuming techniques for 
sample preparation. Furthermore, the results obtained suggest a continuation of the 


2) P. A. Bentorr, Phys. Rev. 119, 324 (1960). 

13) J, B. HALLER and G. Rupstam, J. Jnorg. Nucl. Chem. In press. 

14) H. G. Hicks and R. S. Gitsert, Phys. Rev. 100, 1286 (1955). 

(5) R, A. SHARP and A. C. Pappas, J. Inorg. Nucl. Chem. 10, 173 (1959). 
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fission as well as the spallation work towards higher bombarding energies than can be 


reached with the Uppsala synchro-cyclotron. 


From the analysis of our decay curves the average half-life of °°" Br was obtained 


0-04 hr and that of *’Br as 17-6 + 0-7 min, in excellent agreement with the 
of KING and VoiGT.® 
icknowledgements—We are indebted to Professor T. SvEDBERG for the facilities put at our disposal 
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Abstract—Characteristic infra-red absorption was observed for several aqueous cyanide and mixed 
ligand complexes of mercury, cadmium and zinc. Characteristic absorption maxima in aqueous 
solution are: Hg(CN),~, 2143 cm", « 113 mole~* 1. cm~'; Hg(CN);~, 2161 cm~'; Hg(CN),OH 
2180 cm-?; Hg(CN).Cl-, 2189 cm; Hg(CN);Cl=, ~2157 cm=!; Cd(CN),~, 2140 cm~, « 75 
mole |]. cm~!; Cd(CN);~, 2148 cm™?; Cd(CN).Cl-, 2147 cm; Cd(CN),CIl=, 2145 cm=-', and 
Zn(CN),~, 2149 cm-}, « 113 mole~* |. cm~*. Contrary to the interpretation of a polarographic 
study"? involving Cd(CN),> in excess KCN, we find no infra-red evidence for formation of Cd(CN),~*. 
Direct infra-red determination of the constant for equilibrium involving the di, tri, and tetracyanide 
mercuric complexes gave the value, K = 0:1 [Hg(CN).][Hg(CN),=]/[Hg(CN)3"]*. This equilibrium 
was also observed qualitatively in anhydrous HCN and in CH;,OH. Concentrated solutions of 
Hg(ClO,), containing low CN/Hg ratios (0-1 to 1-2) showed infra-red absorption from three species, 
two of which are shown to involve previously unknown polymeric species containing more than one 
metal ion per ligand. 


WE are interested in applying infra-red techniques to the study of complex ions in 
aqueous solution. In this paper several aqueous cyanide complexes of mercury, 
cadmium, and zinc are reported. 

A metal cyanide complex in aqueous solution absorbs infra-red radiation in the 
2000-2200 cm~ region due to a vibration involving essentially the C=N stretch. For 
negatively charged cyanide complexes, this C=N stretching frequency occurs distinct 
from and has an absorption coefficient usually much larger than that of free CN~ ion. 
Observation of such a vibration is unequivocal evidence for a new molecular entity. 
Thus, the existence of discrete complex ions, and, in favourable cases, their formation 
by stepwise addition of cyanide ligands, can be observed directly. For example, in the 
series Cu(1), Ag(1), Au(1), seven distinct complex ions were observed in aqueous 


solution using infra-red techniques; and constants were obtained for equilibria 
among Cu(CN),~, Cu(CN);~, and Cu(CN),~ as well as Ag(CN),~, Ag(CN),~, and 
Ag(CN), >. 

The existence of complex ions containing an odd number of cyanide ligands is 


becoming well documented. Whether this truly implies an odd co-ordination number 
in solution or whether an aquo complex is involved is not known in most cases. The 
ions Ag(CN),~ and Cu(CN),~ are important solution species, existing in high concen- 
tration®* although no solid compound containing them has been prepared. The 


* This work was sponsored by the U.S. Atomic Energy Commission. 


1) M. Prytz and T. Osterup, Acta Chem. Scand. 6, 1534 (1952) 
2) R. A. PENNEMAN and L. H. Jones, J. Chem. Phys. 24, 293 (1956). 
3) L. H. Jones and R. A. PENNEMAN, J. Chem. Phys. 22, 965 (1954). 
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ion Co(CN);~ is reported to be the true species” rather than Co(CN);-H,O~. 
Similarly, Fe(CN);-H,O~ and Fe(CN);-H,O~ have been characterized,’ as well as 
Mo(CN),~-“) and Na,[Re(CN);H,O]. In a recent study, formation of aqueous 
nickel pentacyanide, Ni(CN);~*, and not Ni(CN), +, was demonstrated." This latter 
case is unusual since an aqueous complex is formed having a higher cyanide co- 
ordination number than can be isolated in the solid. 

In the present work we observed infra-red absorption from two more tricyanide 
ions, Hg(CN),~ and Cd(CN),~, but were not able to observe Zn(CN),~ due to its 
extreme instability with respect to insoluble Zn(CN), and the Zn(CN),~ ion. Other 


“eri”? 


i 


co-ordinated complexes, though containing mixed ligands Cl- and CN-, were 
also observed. 
RESULTS AND DISCUSSION 

Technique. The technique for observing the infra-red spectra of aqueous cyanide complexes 
consists essentially of observing cyanide stretching frequencies in the 2000-2200 cm~' region using 
30-60 micron paths of solution spaced between calcium fluoride flats (1 and 2 mil tantalum spacers 
are convenient). The observation of complex cyanide ions in aqueous solution by infra-red absorption 
is limited to ions having substantial molar absorption coefficients and appreciable solubilities 
(>0-1 mole/l.), otherwise a convenient optical density cannot be attained in the limited path lengths 
made necessary by the strong water absorption. For example, even in the 2200 cm~! region, where 
water is reasonably transparent, ~99 per cent of the energy is absorbed by a 100 micron path of 
water. A Perkin-Elmer Model 112 spectrometer with LiF prism was used because of its dispersion. 

MERCURY CYANIDE COMPLEXES AT CN/Hg 2 2 

Only the mercury system gave stable solutions containing CN/metal ratios from 
1:10 to 4:1. The moderate solubility of Hg(CN), stands in marked contrast to the 
insoluble dicyanides of zinc and cadmium, and permits infra-red study of the entire 
system of mercury—cyanide complexes. 

The over-all formation constant of Hg(CN),~ (log K = 41-4) was obtained in 1903 
by Sherrill.“") However, the formation constants for the stepwise complexes, HgCN*, 
Hg(CN),, Hg(CN),~, and Hg(CN),~ were only recently"”) published: (log K 
18-0 + 0-06; 16°70 + 0-06; 3-83 + 0-02 ; and 2:98 + 0-03 respectively, at 20°C and 
ionic strength of 0-1). At 30° and ionic strength of 2, overall formation constants were 


reported for Hg(CN),, Hg(CN),~ and Hg(CN),~ as, log K = 33-9, 38-1 and 40-6."°%) 


The Constant for Equilibrium among Hg(CN)3~, Hg(CN), and Hg(CN), 


An aqueous solution of K,Hg(CN), exhibits an infra-red absorption peak at 2143 
cm~! characteristic of the Hg(CN),~ ion with an extinction coefficient of 113 mole 1. 
cm! (see curve a, Fig. 1). The extinction coefficient of Hg(CN), is too low for 
observation of the asymmetric CN stretching frequency in a saturated solution (0-4 
molar). However, when KCN is added to aqueous Hg(CN), a new absorption peak, 
that of Hg(CN),~, appears at 2161 cm (see curve b, Fig. 1). As more KCN is 


+) A. W. ADAMSON, J. Amer. Chem. Soc. 73, 5710 (1957). 
D. N. Hume and I. M. Ko.tuorr J. Amer. Chem. Soc. 71, 867 (1949). 
W. Hieper, R. Nast, and C. BARTENSTEIN, Z. Anorg. Chem. 272, 32 (1953). 
K. A. HoFrrMan, Liebigs Ann. 312, 12 (1900). 
M. C. STEELE, Aust. J. Chem. 10, 404 (1957). 
*) S. SEN Sci. and Cult. 23, 664 (1958); Chem. Abstr. 53, 6865 (1959). 
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added, the more strongly absorbing peak of Hg(CN),~ appears at 2143 cm, and the 
2161 cm peak of Hg(CN),~ goes through a maximum, disappearing at CN/Hg = 4. 

In our previous studies of equilibria in aqueous solutions (such as AgCN-KCN- 
H,O, and CuCN-KCN-H,O®?) the constants were such that the concentration of the 
various metal-cyanide complexes could be determined from their infra-red absorption 
and the free CN~ concentrations found from the stoichiometry. However, in the case 
at hand, the CN~ concentration is too low to be determined by difference so we could 
not determine constants for equilibria such as Hg(CN),~ + CN Hg(CN),~ from 
infra-red spectral studies. However, we were able to obtain the constant for the 
equilibrium: 2Hg(CN), Hg(CN), + Hg(CN), 

The method used was to observe the infra-red spectrum of aqueous solutions of 
Hg(CN), and KCN having CN/Hg = 3, but at different total concentrations of Hg(II). 
There are only three important species present since free CN~ is negligible and the 
concentration of Hg(CN),~ equals the concentration of Hg(CN), (referred to hereafter 
as Cjy and C;;). From the optical density of Hg(CN),~, the concentration Cyy can be 
determined using the independently measured extinction coefficient; then from the 
total concentration of mercury, C;; and C;,;; (concentration of Hg(CN),~) are immedi- 
ately calculable. 

The situation is somewhat complicated by the fact that the tricyanide and tetra- 
cyanide peaks overlap each other. The extent that the IV peak overlaps the III position 
is readily determined from the spectrum of IV by itself. However, when there is a 
significant absorption by III, there is also appreciable absorption by IV so it is difficult 
to measure %;;;, the contribution of III to the I1V maximum. However, since the 
absorption bands have about the same shape it seems that a good approximation is that 


%yr1/ E111 Arv/Ery (1) 


where «1; is the extinction coefficient of III at the IV position (2143 cm~) and ayy is 
the extinction coefficient of IV at the III position (2161 cm™); e;; and ezy are the 
extinction coefficients at the respective maxima. This approximation for «;;; cannot 
cause serious error since the contribution of «;;; to the much greater e;y could not 
affect it by more than a few per cent. 

With the above approximation it is possible to solve for the concentration, Cj;;, 
and constant K = (C),)(Cyy)/(Cy:,)” for each solution. The relations are 


EqyCyy + %n Cn ODo43 = OD 
try Cry ni Cin OD 261 OD 


Cyr + 2Ciy = fag (formal concentration of Hg, mole/I.) 


From the independently measured values, ¢;y(113) and «;y(16), and the observed OD 
values for given fy, we can calculate Cy;;, Cry, &y77, and a; using equations 1-4. 
Poulet and Mathieu") measured the Raman and infra-red spectra of similar 
solutions and deduced that the complex intermediate between Hg(CN), and Hg(CN), 
is a dimer Hg,(CN),~. Their reason for this is apparently the large number of Raman 
and infra-red peaks in a solution of stoichiometry, CN/Hg = 3. However, these 
peaks can be explained as arising from Hg(CN),, Hg(CN)3~, and Hg(CN),~. Never- 
theless the possibility of the dimer Hg,(CN),~ was considered in the following manner. 


44) H, Pouet and J. P. MatTuiEU, C.R. Acad. Sci., Paris. 248, 2079 (1959). 
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were treated in the same fashion as discussed above, the only difference being 


is a different constant, K’, where 


K’ = (Cy Cyy)/(Cp) 


is the concentration of the dimer, Hg,(CN),~, and fag = 2Cp,) + 2Cjy. These 
should give consistent values with either the Hg(CN),~ or the Hg,(CN), 
n, but not with both. Results are given in Table 1. 
EXPERIMENTAL DATA AND CALCULATED EQUILIBRIUM CONSTANTS FOR 
2Hg(CN) Hg(CN). + Hg(CN), 


ODm ¢ 


165 
121 


QY0 





lable | it is evident that a fairly constant value for K, with random deviations, 


tained assuming the intermediate complex is Hg(CN),~. However, if it is assumed 
CN), , Table 1 shows the calculated K’ changes by a factor of almost 4 with 


Oo dilution. 
Phe average value of K from Table 1 is K = [Hg(CN).][Hg(CN), ~ ]/[Hg(CN)3~ 
1-8. Calculating the value of this constant from the 


onic strengths of 0-6 


‘ted by Anderegg‘” at 20° and ionic strength 0-1, one obtains K = 0°14 
erage values. Thus, our value in more concentrated solutions is in good 
with his dilute solution studies, and the constancy with dilution clearly 
iblishes the monomer, Hg(CN),~ rather than the dimer, Hg,(CN), 

mentioned above, all quantitative runs were made at CN/Hg 3/1 so that 
Ch ( In these cases, OD;y is greater than OD,,;. It was of interest to solve 
equations 2 and 3 to see whether they were valid for the case where OD,;; = ODjy. 
Solving equations 2 and 3 for the case where total mercury is 1 M, the CN/Hg ratio is 
culated to be 2°876/1. This solution was prepared and gave OD,;,;; = 0-102 and 
0-098 (see curve b, Fig. 1). 
Qualitative Observations of the Equilibrium between Hg(CN);~, Hg(CN),» 

and Hg(CN),~ in CH,0H 


As found above, Hg(CN), is not sufficiently soluble in aqueous solution to give 
However, it is just soluble enough in CH,OH to be 


detectable infra-red absorption. 
observed weakly. This offers the opportunity to observe the equilibrium 2Hg(CN), 
Hg(CN Hg(CN),~ in another solvent, where Hg(CN), is detectable in the infra- 
red. A saturated solution of Hg(CN), in CH,OH gives the absorption shown as curve 

When a saturated solution of KCN in anhydrous methanol is treated with 

f solid Hg(CN),, curve d, Fig. 1 is obtained, showing the prominent peak 
of Hg(CN),~, nearly free of Hg(CN),~ and Hg(CN),. In aqueous solution, such a 
prominent absorption from Hg(CN),~ alone is not attainable since the solubility is not 
sufficient at appropriate CN/Hg ratios to give appreciable absorption. Curve e, 
Fig. 1 shows Hg(CN),~ ion from a solution of K,Hg(CN), in CH,OH. 
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Investigation of the ““Compound” KHg(CN), 


We attempted to prepare KHg(CN), from liquid HCN as described by Jander and 
Griittner."» Study of co-ordination in this unusual compound would be very 
interesting. As reported we found that a 1:1 mole ratio of KCN and Hg(CN), was 
much more soluble in liquid HCN than either was alone. Examination of this HCN 
solution in the infra-red gave as expected the sharp infra-red absorption peak of the 
Hg(CN),~ ion we observed previously. * 

Removal of HCN from the | :1 solution gave white crystals as reported. However, 

* The observation of the infra-red spectrum of liquid HCN solutions is relatively straightforward as 


long as the cell is maintained below the boiling point of HCN. This was accomplished by pre-chilling the 
cell prior to filling with the HCN solution. The spectrum was obtained as quickly as possible thereafter 


15) G. JANDER and B. GrutTTNer, Chem. Ber., 81, 114 (1948). 





24 R. A. PENNEMAN and L. H. JoNEs 

the crystals showed only the characteristic infra-red bands of K,Hg(CN), and Hg(CN),; 
no absorption which could be attributed to Hg(CN),~ was observed. Optical examina- 
tion of the crystals under a polarizing microscope and determination of refractive 
indices confirmed that the only solids present were Hg(CN), and K,Hg(CN),. This 
mixture redissolves in liquid HCN, giving a solution showing the infra-red spectrum 
of the Hg(CN),~ ion. However we were unable to obtain a solid containing this species. 
Consequently, as solids are deposited on evaporation of the HCN, disproportionation 


apparently takes place according to the reaction: 
2K 2Hg(CN), K,Hg(CN), + Hg(CN)s. 


An unsuccessful attempt was also made to form KHg(CN), by reaction of KCN 
Hg(CN), in anhydrous methanol. Although the Hg(CN);~ ion was predominant in 
the methanol solution, again the solid phases formed on solvent removal showed only 
K,Hg(CN), + Hg(CN),. This is another case where a prominent solution species, 
having an odd cyanide co-ordination number, e.g. Hg(CN)3~, Cu(CN),~, Ag(CN) ~, 
Ni(CN);-°, has not been found in a solid compound [for the Hg(CN),-KCN-H,O 


system see Ref. 16]. 


Evidence for a Mixed Cyanide-Hydroxy Complex, [Hg(CN),OH] 
rhe solubility of Hg(CN), in aqueous KOH is markedly greater than in water alone 
(increasing from 0-44 to nearly 2 molar in 2M KOH). Since free cyanide is not detected 
in this solution, OH~ must simply add to Hg(CN), (at this concentration, CN~ ion 
would have been observed if the reaction were: Hg(CN), + OH HOHgCN 
CN). The new infra-red peak in the solution is thus assigned to a mixed ligand com- 
plex, absorbing at 2180 cm~',* whose formula is most likely, [Hg(CN),OH]-. 


Mixed Ligand Complexes Containing Hg(CN), with Cl-, Br~ and | 


Evidence for the mixed complex ion, Hg(CN),Cl- was reported by Bourion and 
Rouyer"” and its formation constant was reported as 0-56 by Newman."®) Since we 
have shown that Hg(CN), adds CN~ and OH~ to form soluble complexes observable 
in the infra-red, it was of interest to see whether infra-red would also detect addition of 
halide ion. We find mercury dicyanide is much more soluble in NaCl solution than in 
water alone. In 2M NaCl, nearly 2 M Hg(CN), can be dissolved and a new infra-red 
peak attributed to Hg(CN).CI- is observed at 2189 cm™. A crystalline precipitate was 
obtained from this solution. The infra-red absorption of this precipitate as a mineral 
oil mull showed a new, narrow peak at 2183 cm, well resolved from that of unreacted 
Hg(CN), at 2193 cm~', a slight amount of which was also present. 

In the case of NaF and Hg(CN),, no infra-red absorption from solution was noted 
and examination of the solids obtained upon evaporation showed no new compound 
was formed. New solids were obtained however upon mixing Hg(CN), with several 
different alkali chlorides, bromides and iodides.“*®) Complexes containing the heavier 


* Since the absorption peak was similar to those already illustrated only the position of the maximum is 


A. S. Corset, J. Chem. Soc. 129, 3190 (1926). 

F. BourION and E. Rouyer, Ann. Chim. 10, 263 (1928). 

L. NEWMAN, Thesis, Massachusetts Institute of Technology, 1956; L. NEWMAN and D. N. Hume, J. Amer. 
Chem. Soc. 81, 5901 (1959) 

\n X-ray and optical crystallographic study of some of these alkali and alkaline earth halide compounds 
vith Hg(CN), is currently under investigation by F. H. Kruse of this laboratory. 
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halides are fairly insoluble and only in the case of chloride was the mixed complex ion 
sufficiently soluble to be observed in aqueous solution. 

Use of the infra-red was valuable as a quick, qualitative check for formation of a 
new solid compound and also to check for the presence of unreacted Hg(CN),. For 
example, the precipitate with KI and Hg(CN), gave only a single new absorption 
peak at 2181 cm™ regardless of whether it was prepared with 1:1 KI : Hg(CN),; or 
2:1 KI:Hg(CN),; free Hg(CN), at 2193 cm~ was not detected. Analysis gave the 
formula KHg(CN),I as found by others.” Infra-red absorption of the compound 
formed between KBr and Hg(CN), gave a single peak at 2189 cm~'. Both the iodide 
and bromide complexes recrystallized from water unchanged, while the chloride 
compound is less stable, depositing crystals increasingly richer in Hg(CN), on re- 
crystallization. 

Evidence for the Mixed Complex [Hg(CN)3Cl] 

Another mixed ligand complex reported by Newman"®) is [Hg(CN),Cl]~. We 
examined qualitatively the effect of Cl- ion on the equilibrium Hg(CN), + Hg(CN), 

2 Hg(CN),~. In the first case, the CN/Hg ratio was just over 2/1, so that Hg(CN), 
and Hg(CN),~ were present without significant Hg(CN),~. A solution of 2M Hg(CN), 
and 2 M NaCl containing 0:2 M NaCN showed the prominent Hg(CN),CI- peak at 
2189 cm~ and a new peak at 2157 cm™ due to Hg(CN),Cl~. This is only slightly 
shifted from the Hg(CN),~ position at 2161 cm™. 

More convincing evidence was the great diminution of the Hg(CN),~ peak on 
addition of NaCl to a solution in which the Hg(CN),~ and Hg(CN),~ peaks were 
initially well resolved and of equal intensity (see curve b, Fig. 1). This could not 
have been explained by the reaction: Hg(CN), + Cl Hg(CN),CI- which would 
have had the opposite effect. The reaction which is consistent with the infra-red 
results is the formation of another mixed ligand complex: 


Hg(CN),~ + Cl Hg(CN)3Cl 


MERCURY CYANIDE COMPLEXES AT CN/Hg <1:1 


The non-labile HgCN* complex was first postulated by Wolfgang and Dodson») 


to explain results of the mercurous—mercuric exchange in the presence of cyanide. 
They subsequently determined the disproportionation constant: [Hg**][Hg(CN).]/ 
[HgCN*}? = 5 x 10-*.") This value was substantiated by Anderegg””; Peschanski’s 


value differs only slightly.“ 

We attempted to observe HgCN* in the infra-red since it was the first positively 
charged cyanide complex to come to our attention. To our surprise it was necessary 
to go to >1 molar Hg(II)-cyanide solutions before appreciable infra-red absorption 
was observed 

Thus, the HgCN* ion seemed to have an extremely small absorption coefficient in 
the cyanide stretching region, orders of magnitude smaller than those of the singly 
negatively charged complexes, Cu(CN),~, Ag(CN),~, and Au(CN),~. As we shall see, 
however, the situation is considerably more complicated and HgCN* is not the lowest 
complex formed in concentrated solution. 


20) R. C. AGGARWAL and R. C. MEHROTRA, Z. Anorg. Chem. 297, 65 (1958). 
2) R. L. WOLFGANG and R. W. Dopson, J. Phys. Chem. 56, 872 (1952). 

22) R. L. WoLFGANG and R. W. Dobson, J. Amer. Chem. Soc. 76, 2004 (1954). 
23) D. PeEsCHANSKI, J. Chim. Phys. 50, 640 (1953). 
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Preliminary Spectra 


o obtain information on solutions that should have contained HgCN* as the 


TLS 


\inant species, infra-red spectra were obtained from a series of 2M Heg(Il) 


+ 


in which the CN/Hg ratio was increased stepwise from ~1/10 to 1-3/1. 


When the CN/Hg ratio was varied from 1/11 to 1-28/1 the unexpected number of 
absorption peaks shown in Fig. 2 were observed. Continued addition of NaCN at this 
mercury concentration precipitated Hg(CN),, identified optically and by the known 


] 
UA 


bsorption of the solid. Further addition of cyanide caused the expected 


a 


ition of Hg(CN), and growth, first of the Hg(CN),~ peak, and then Hg(CN), 


From 


only Hg(CN),~ and free cyanide ion were present. 
Fig. 2 it is evident that at the lower CN/Hg ratios (0-09, 0-18) there is only a 


+9997 


broad peak at 2227 cm~. As the amount of cyanide is increased the absorption of this 


strongel 


mannel 


ncreases to a maximum, then disappears as a higher frequency peak develops 
\ third, lower frequency peak also appears at 2196 cm“! with increasing 
third peak is shown later not to arise from the same species as the 
peak at 2250 cm since dilution affects the two in a completely different 
s does addition of NaOH or HCIO,. Thus we have three individual cyanide 


complexes in concentrated Hg(I1) solutions (2-4 M) when the CN/Hg ratio is varied 


1 


ron 
ITO] 


He(CN), 


rhe 


] 


to a little above 1:1. [These peaks do not arise from Hg(CN),, Hg(CN)s 
or HCN.] 
explanation of the two absorption maxima in addition to the one expected 


HgCN* requires postulation of polymeric species. In dilute solution, ~10-7 M, 


> 


p-wise formation of HgCN*, Hg(CN),, Hg(CN),~ and Hg(CN),~ has been 


blished without mention of other complexes. However, we were forced by 
absorption coefficients in the infrared to work in mercuric solutions 2-4 M. 
ns this concentrated, it appears that polynuclear complexes must exist when, 
is | 1 one cyanide ligand per mercury. It is of interest here 

xes have been observed in mercuric hydroxide 


> concentration of mercury increased from 0-01 M to 1-3 M.4 


{ssignment of the 2227 cm peak to Hg,CN 
' absorption goes through a maximum at the lowest cyanide to 
t should correspond to the lowest complex. Job’s method of “‘continu- 
was thought applicable to the determination of the CN/Hg ratio in 
[here are pitfalls in the “continuous variations” method if there is more 
formed. Katzin and Gebert">”) ably discuss Job’s method when three 
It can readily be demonstrated that the concentration of the 
its maximum before the formal stoichiometric ratio of the 


in the lowest complex is reached if there are competing higher 


nercury held constant at 3:0 M, 


nercury held constant at 6-0 M 
» reagent grade HgO in an equivalent amount of standard 


NGRID AHLBERG (1959) 
Soc. 72. 5455 (1950) 
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HClO, after which the appropriate amount of Hg(CN). was weighed into the flask. The order of 
reagent addition was important, especially at the highest mercury concentration (~4 M). It was 
necessary to dissolve the HgO in HCIO, prior to addition of Hg(CN), in order to avoid vigorous 
chemical reaction evolving a gas. Mass spectrometer analysis of the gas showed mass 28 (probably 
N, since the IR spectrum of the gas did not show CO), mass 44 (CO,) and some mass 43 (HOCN ?). 


In the first set of experiments (CN Hg 3-0,) this reaction was no problem since 
the total mercury was always less than 3-0 M and the CN mole fraction could be varied 
over the entire range necessary to show the maximum of the 2227 cm peak. However, 
at the higher CN mole fractions where the 2250 cm species begins to absorb, the 
optical density of the 2250 cm™ peak is too low to define its maximum clearly. 
Therefore the total concentration was increased, and the second set was run at CN 
Hg = 6-0. Under these conditions, the lower range was not accessible since some gas 
evolution was observed at CN mole fractions less than 0-4 (Hg > 3-6 M) regardless of 
order of reagent addition. 

From Fig. 2 it is seen that the 2227 cm™ peak reaches a maximum at CN/(CN 
Hg) ~ 0:3. If one calculates the concentration of HgCN* and Hg(CN), in these 
solutions using the values of Anderegg,“”) the maximum concentration of HgCN* 
occurs much closer to 0-5 than the observed behaviour of the 2227 cm™ peak. Thus 
we must conclude that this 2227 cm~ absorption cannot arise from HgCN* and must 
result from a species having a lower CN/Hg ratio than 1:1. Below are given the 
cyanide mole fractions for the stoichiometries of HgCN* and two lower complexes. 


HgCN Hg.(CN). 
CN/(Hg CN) 0:5 0-4 


Thus, a complex of stoichiometry Hg,CN would come closest to fitting the observed 


data and is also the simplest lower complex. The increase of this 2227 cm~ absorption 


on addition of NaOH and its decrease on addition of HCIO, indicates that it should 
perhaps be formulated [Hg-O-Hg-CN]* rather than [Hg-CN-Hg]*’. 
Assignment of the 2250 cm Peak to Hg,(CN). 
We assign the prominent peak at 2250 cm~ to a species with a CN/Hg ratio of 2/3 
for several reasons: 
(1) Addition of Hg(II) to a solution in which the 2250 cm™ peak is prominent 
causes its diminution and concomitant growth of the Hg,CN species. As 
cyanide is increased, the 2250 cm~ peak grows at the expense of this lower 


95 l 


complex, showing that the 2250 cm 
Hg CN. 
Although a Job’s method study in concentrated solutions where the 2250 cm™! 


species has a higher CN/Hg ratio than 


peak was predominant was possible only over a limited CN/(Hg + CN) ratio, 
it sufficed to show that the 2250 cm peak reached a maximum between 
0-425 and 0-45 (see Fig. 2), and fell sharply as the cyanide mole fraction was 
increased to 0-50 and 0-55 (the solubility limit). This is consistent with a 
complex with CN/(CN + Hg) = 0-4 as in Hg,(CN), but is not sufficiently 
conclusive by itself to rule out the possibility of this complex being HgCN 
However, the behaviour of this complex as outlined in item (3) is indicative of a 
polynuclear complex and is not consistent with HgCN 
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(3) The prominent 2250 cm ' peak shown in the upper left in Fig. 2 essentially 
vanishes when the solution is diluted to half its concentration. The extra- 
ordinary diminution of this complex on dilution shows that, unlike HgCN~, 


it has a small formation constant and is consistent with a polynuclear species. 
Trimeric species are known, e.g. in the mercuric nitrate system, Hg,;0,(NOs)5.°° 


Assignment of the 2196 cm Absorption Peak to HOHgCN 

Solutions of concentrated Hg(ClO,), containing ~1 CN/Hg are excellent OH 
buffers. For example, a 3-0 M Hg(II) solution remained acid without precipitate 
formation even after addition of NaOH to 1 M. Addition of NaOH distinctly de- 
creased absorption at 2250 cm~, but the increase of the 2196 cm™™ peak was not in 
proportion. Addition of HCIO,to2 M decreased the 2196 cm peak essentially to zero. 

Thus the behaviour of the 2196 cm™ peak is consistent with the formula HOHgCN. 
Such a mixed complex has been studied polarographically by Newman"®), who found 


K (HgQHCN)/(Hg )(OH-)(CN-) 7 x 10°. 
Combining this value with Anderegg’s value?) for HgCN 


HgCN*/(Hg**)(CN-) 1018, 
we find 


HgOHCN/HgCN* = 7 x 10! (OH>). 


Since many of our Hg(CN),-Hg(ClO,), solutions had a pH approximately 4 it is 
evident that the neutral, mixed complex HZOHCN must be considered as well as 
HgCN* in our solutions. This neutral complex HOHgCN, might be expected to be a 
veakly absorbing species since neutral Hg(CN), has such a low absorption coefficient. 
It is interesting that Hg(CN), (solid) absorbs weakly at 2193 cm but its saturated 
aqueous solution (0-4 M) gives no detectable IR absorption. The species we attribute 
to HOHgCN absorbs at 2196 cm“. 

rhere is ample other evidence for the tenacity with which OH is bound in mercuric 
salts. Large colourless crystals of HgEOHNO, have been prepared® as well as a 
basic mercuric nitrate containing two additional molecules of HgO. Hydroxy (or oxy) 
mercuric perchlorate persists even on boiling with HCIO,.°” The hydroxy 
bromate, HgEOHBrO,, can be recrystallized from 5 N HCIO,.‘* 

We are thus left in the embarrassing position of failing to find infra-red absorption 
of HgCN*. At our pH’s it would largely be hydrolyzed to HOHgCN, but it still must 
have an extremely small absorption coefficient in the infra-red to have escaped 
detection. 

CADMIUM CYANIDE COMPLEXES 
Lack of Cd(CN),* 

There are conflicting reports concerning the formation of Cd(CN), 4 from Cd(CN), 
in excess KCN. One group"? interpreted their results as indicating formation of 
Cd(CN),* (e.g., they claimed that Cd(CN),~* was the only ion detected polaro- 
graphically in 0-001 Cd(ClO,), and 0-04 KCN). Fleggas®* found polarography was 

R. B. BERNSTEIN, H. G. PArRs, and D. C. BLUMENTHAL, J. Amer. Chem. Soc. 79, 1579 (1957). 

27) Private communication, H. TAuBe, University of Chicago (1959). 


8) G. F. Smitu J. Amer. Chem. Soc., 46, 1579 (1924). 
> S. N. FLecGas, Chim. Chron. 20A, 127 (1955). 
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Fic. 2.—Left column shows the change in infra-red absorption at 2250 cm~, 2227 cm~!, and 
2196 cm™? occurring as the ratio of cyanide mercury is increased at constant mercury 
(Hg(I1) = 2 M). 

Right column shows continuous variations studies of the 2250 cm~', and 2227 cm“! peaks. 
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difficult to interpret and switched to a potentiometric method. He reports overall 
formation constants for CdACN*, Cd(CN),, Cd(CN),~ and Cd(CN),~ as 10°**, 10°°, 
10'°°, and, 10'"1, respectively, with no evidence for the higher complex, Cd(CN),~*, 
in excess KCN. Leden’s values) in 3 M NaClO, are: 10°°°, 10'°°, 10'°*°, and 10'*°. 
The Cd(CN),~ ion has a characteristic infra-red absorption, and the effect of adding 
excess KCN to Cd(CN),~ was studied. The solubility of K,Cd(CN),, which is about 
| molar in water, is depressed by addition of much KCN. It was desired to keep the 
product of Cd(CN),~ and CN~ concentrations at the highest value to favour possible 
Cd(CN),-4 formation. A series of solutions were examined containing 1, 2, 3, 4, 5, and 
6M KCN, with the K,Cd(CN), concentration kept near its maximum solubility (it 
drops to 0:2 Min 5 M KCN and 0-15 Min 6 M KCN). In these solutions the position 
of the Cd(CN),~ peak did not change with cyanide nor did a new peak appear. Thus 
with Fleggas and Leden that a complex higher than Cd(CN),~ is not formed. 


d(CCN),~ and Cd(CN), 


\ solution of K,Cd(CN), shows the narrow peak of Cd(CN),~ ion at 2140 cm“ 


with a molar extinction coefficient of 75 mole 1. cm™’. The phase study of the 
d(CN).-KCN-H,O system”® shows that fairly concentrated (~1 molar) cadmium 
solutions can be prepared having CN/Cd ratios as low as 3-5/1. This indicates that 
Cd(CN), equilibrium with Cd(CN),~ rather than with Cd(CN), which is 
le. We looked for infra-red absorption of the Cd(CN),~ ion in these 


rast to the case of the mercuric tricyanide ion which can be made to pre- 
preparing solutions of CN/Hg = 3/1 and 2-5/1, reduction of the CN/Cd 
3-5/1 precipitates Cd(CN),. A further difficulty appears since the absorp- 
na of Cd(CN),~ and Cd(CN),~ in the infra-red occur sufficiently close 


unresolvable. Experimentally, one observes the narrow peak of 


40 cm~', whereas a solution containing 3-5 CN/Cd has a broader peak 
esolved into two components with the maximum shifted to slightly higher 
Subtracting off the known shape of the Cd(CN),~ peak with its maximum 

| leaves the symmetric peak of Cd(CN),~ with its maximum at 2148 cm~. 


lues we calculate a value for the quotient: 
[Cd(CN),~][CN-]/[Cd(CN, =] = 6-4 = 10-4. 
e 2-6 10 1 


ICS PIVE 2 


preparing crystallographically pure K,Cd(CN), and measuring the pH of a 


M solution in CO,-free water, we obtained the value of 2-2 + 0-1 10~ using 
10-'° for the HCN hydrolysis constant (Kycx = 3:3 « 10- would 


* value for the cadmium constant.) 


Mixed Ligand Complexes, [(Cd(CN),Cl]~ and [Cd(CN),Cl] 


nvenient to prepare solutions having CN/Cd ratios of 3-5/1 by adding a 


LUI 
easured quantity of acid to a Cd(CN),~ solution to remove part of the cyanide from 
the complex. (HCN is formed which is easily measurable in the infra-red.) It was 

that when HCIO, was used, the maximum of the Cd(CN),~ peak was at 2148 


the same position as when formed from Cd(CN), + KCN. On the other 


S Kem. Tidskr., 56, 31 (1944). 





Infra-red absorption studies of the aqueous cyanide complexes 


hand, when HCl was used, the peak occurred at 2145 cm‘. Analogous to the 
Hg(CN),Cl~ ion, it is likely that Cd(CN),Cl~ is formed when chloride is used. 

As perhaps a more convincing example of mixed ligand formation, evidence for the 
Cd(CN),CI- ion was found. Whereas Cd(CN), solubility is only 10-? M in H,O,! 
a 1/10 molar solution can be prepared in 2 M NaCl. Examination of this solution in 
the infra-red shows an infra-red peak at 2147 cm~. Since no free CN~ was observed, 
Cl- must add to Cd(CN), to form the mixed ligand complex, whose formula is prob- 
ably Cd(CN),CI-, analogous to Hg(CN).CI-. 


ZINC CYANIDE COMPLEXES 

A solution of K,Zn(CN), shows the prominent absorption peak of the aqueous 
Zn(CN),~ ion at 2149 cm“ having a molar absorption coefficient of 113 mole“! 1. cm}. 
Reduction of the CN/Zn ratio below 4/1 precipitates Zn(CN), until the solution ratio 
is restored to 4 CN:1 Zn, and the only solution species detectable by infra-red 
measurements is Zn(CN),~. The phase study of Corbet on the system Zn(CN),.-KCN- 
H,O"® clearly shows that the CN/Zn ratio in solution cannot be lowered below 4:1. 

Similar to the measurements on K,Cd(CN), the pH of an 0-001 M solution of 
K,Zn(CN), (the salt was crystallographically pure) was measured and a value for 
the equilibrium constant between the zinc tri- and tetracyanide was estimated: 


[Zn(CN),~ ]/[Zn(CN), ]J[CN-] = 10°. 


Since the value for the corresponding constant for cadmium is ~5 10°, and for 
mercury is ~] 10%, it is clear that zine tetracyanide is far more stable with respect 
to the tricyanide than either cadmium or mercury tetracyanide. 

There has been confusion in the literature as to whether Zn(CN),~ is the stable 
aqueous ion, or whether it is significantly dissociated to Zn(CN),~. In fact, the same 
value for the dissociation constant of Zn(CN),~ and Zn(CN), ~~ is quoted interchange- 
ably in the literature because Kunschert,“*) in the original e.m.f. work, calculated 
values assuming both Zn(CN),~ and Zn(CN),~ as the stable complex. Latimer’? 
quotes 1-2 « 10°'§ as the value for Zn(CN),~, whereas Kunschert stated it was for 
Zn(CN),~. Since our work establishes the stability of Zn(CN),~ compared to 
Zn(CN),~, we suggest Kunschert’s value for Zn(CN),~, which is nearly 10~'’, be taken 
rather than his value for Zn(CN),~. A recent measurement of the dissociation 
constant of Zn(CN),~ gives the value, 1-9 « 10~-17,4 
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THE La,Ba,_,Ti0, SYSTEM* 
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Abstract—The system La,Ba TiO; has been examined over the complete range of lanthanum 
substitution (0 x 1). Throughout most of the composition range the unit cell is cubic with the 
lattice parameter decreasing with lanthanum content. At the composition LaTiO, the symmetry is 
orthorhombic. The thermoelectric power of this system has been found to be negative throughout 


ind decreases in magnitude with the lanthanum content. 


\ NUMBER of workers"~® have studied BaTiO, in which small (up to 5 atomic per cent) 
amounts of lanthanum have been added. In general these materials have been of 
interest because of their semiconducting properties. However in none of these cases 
has the study been made throughout the complete range of lanthanum substitution 
(x varies from 0 to 1). In addition no studies of the crystallography of these materials 
have been reported. The only closely comparable study that has been reported is that 
of the La,Sr,_,TiO, system. 
DISCUSSION 

Samples in the system La,3*Baj*,Ti,3*Tij*,O,?- were prepared by several 
methods over the range of composition0 < x < 1. The X-ray data obtained from this 
study is found in Fig. 1 and Tables | and 2. All data are recorded for single phase 
samples. It has been found that La,Ba,_,TiOg is a simple cubic perovskite throughout 
most of its composition range. Further, the plot in Fig. 1 shows strong negative deviation 
from Vegard’s law. At both ends, x = 0 and x = 0-9-1-0, the system becomes non- 
cubic. At the end where x = 0 there is the well-known compound BaTiO, which is 
tetragonal at room temperature and cubic above 120°C. Apparently 5 per cent or less 
La substitution is sufficient to decrease the transformation point to below room 
temperature. For the purposes of this plot the cube root of volume reported by two 
investigators for the tetragonal form of BaTiOg is used.” Also shown is a “cubic” 
lattice parameter extrapolated to room temperature from the thermal expansion data 
available for temperatures above 120°C." Any of these points form a smooth curve 
with the data in Fig. 1. 

The symmetry of LaTiO, (where x = 1) is no longer that of a simple cubic perov- 
skite as evidenced by a number of additional lines on the X-ray pattern. These lines 
persist on samples that have been annealed and slowly cooled from 800°C, indicating 
that these lines are not characteristic of a high temperature phase. (The initial 

This work was done in connection with U.S. Navy Buships, Contract No. NOBS-78365, W.G.O. 
No. WG-79150-CE 
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preparations had been cooled rapidly from at least 1500°C.) The X-ray data for 
LaTiO, is quite easily indexed on the basis of a cubic perovskite cell which is doubled 
along all axes. Half of this double cell edge is plotted in Fig. 1 for comparison. A 
preparation of Lap.gBay., TiO; has similar symmetry and almost an identical parameter 
indicating that the symmetry change occurs between x = 0°85 and x = 0-90. 
Indexing on the basis of a double perovskite cell edge has been used by YAKEL" in 
several cases. Actually the symmetry is probably orthorhombic with the unit cell 
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Fic. 1.—Lattice parameter vs. composition. 


corresponding to that proposed by GELLER and Woop" on the basis of single crystal 
data for a number of rare earth orthoferrites. This cell is related to a simple perovskite 
cube by doubling the cubic unit cell in the orthorhombic c direction and using face 
diagonals for aand 6. The interplanar spacing data reported by GELLER and Woop”) 
for all lines of LaFeO, are very close to all lines found in this study and their lattice 
parameters are listed in Table 2 for comparison. The resolution of lines in LaTiO, is 
not felt sufficient to discriminate between the orthorhombic a and b axes. It might be 
pointed out that orthorhombic symmetry for LaTiO, has been suggested by RotH’? 
on the basis of ionic radii. 

Both the symmetry and the lattice parameter of LaTiO, are different from those 
reported in the work of KESTIGIAN and WARD") who state that LaTiO, is a simple 
(10) H. A. YAKEL, Acta. Cryst. 8, 394 (1955). 


“) §. GeLcer and E. A. Woop, Acta. Cryst. 9, 563 (1956). 
(42) M. KESTIGIAN and R. Warp, J. Amer. Chem. Soc. 77, 6199 (1955). 





. JOHNSTON and D. SESTRICH 


TABLE | 
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TABLE 2.—LaTiO; DATA 





On basis of 
Prep Lac a tion Fine GC 
“P- = X-Ray | Wt.% Ti? ye La | Wt. SiO, 
method - , 7 
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0-05 0-01 
0-05 0-03 


alc. for } 


LaTiO, 20-4 20-4 59-2 





have additional lines which may be indexed if the simple perovskite cell is doubled 

‘ a . 2 = . 
along all edges. Data listed is =. May also be indexed as orthorhombic a = b = 5-596, c ‘914. For 
comparison, GELLER and Woop 
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those indicated by an * are very 


ive LaFeO, a 5-556, b 5:565, c = 7°862. All other samples than 
ose to simple cubic perovskites with a ~ 3-922. 
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cubic perovskite with a = 3-926 A. Ascan be noted by referring to Fig. 1, their lattice 
parameter is far smaller than the data reported here. Of particular significance is the 
observation by WARD that LaTiO, is the only instance in which a 3-3 perovskite has 
been found to be cubic.“ In an attempt to reconcile this conflict, several samples 
were made having La defects such that the value z is 0-25 and 0-2 in the formula 
La,_,Ti; *s,°*Ti,.4*O 3. These samples gave very broad simple cubic perovskite X-ray 
lines and showed weak impurity lines. The perovskite lattice parameter increased linearly 
with the lanthanum content in qualitative agreement with KESTIGIAN and Warp"), 
who reported a single phase region existing from Lag.gg TiO, to LaTiOy. The increase 
in lattice parameter with La** is what would be expected since La** is filling vacancies 
and small Ti** ions are being converted to larger Ti** ions. Thecomposition Lay..; TiO, 
had approximately the same lattice constant as that reported by KESTIGIAN and 
WarbD"”) for LaTiO, which might suggest the possibility that their products were to a 
certain extent La deficient. However, their analytical results indicate that their 
product was stoicheiometric. 

Lanthanum deficient preparations of LaTiO, had been made by accident in the 
earlier phases of this study. In attempting to prepare LaTiO, by hydrogen reduction 
via ssnene 


La,O, + TiO, + H, —— 2 LaTiO, + H,O 


invariably the composition resulting was lanthanum deficient and of the approximate 
composition Lay.gsTiO, on the basis of analytical data. The X-ray patterns of these 
products are sharp single phase, essentially cubic (the 321 and 330,411 lines are 
slightly split), and the lattice parameter is approximately equal to that of Lap.,;TiO, 
prepared by arc melting. From this series of experiments we conclude that: 

(1) stoicheiometric LaTiO, is very probably orthorhombic, 

(2) LaTiO, with lanthanum defects is very close to simple cubic perovskite with 
the lattice parameter increasing with the lanthanum content, the presence of 
additional phases possibly depending on the conditions of preparation, and 

(3) lanthanum may be lost in the course of LaTiO, preparations in some unknown 
manner which accounts for our result in the hydrogen reduction preparation. 

One of the most useful tools for examining the electrical properties of this system 

is the thermoelectric power measurement. The measurement is not highly sensitive to 
inevitable variations in sample density and the possibility of small amounts of surface 
oxidation. The thermoelectric power, «, might be naively expected to be related to 


x : ; 3 X ‘ . = 
k/e In ——— resulting in high negative values of « at low values of x, « = 0 at x 0-5, 
x ‘ 


and high positive values of « at high values of x.“*) The experimental results are 
shown in Fig. 2. 

At small lanthanum contents the thermoelectric power is negative as a result of the 
formation of Ti** which acts as an electronic conductor. Thethermoelectric power also 
decreases with x as would be expected. 

Beyond the vicinity x = 0:5 the thermoelectric power does not change sign and 
does not increase to large positive values with x. Such experimental results are 
contrary to what would be expected if the material were to behave as a hole conductor 


(13) R,. Warp and F. A. Cotton, Ed. Progress in Inorganic Chemistry. Interscience, New York (1959). 
') R. R. HeIKes, Thermoelectricity, (Edited by P. E. EG) J. Wiley (1960). 
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on the basis of the presence of a relatively small amount of Ti** in a lattice made up of 
predominantly Ti®*. Instead, the thermoelectric power remains at a low negative 
value suggesting that LaTiO, and compositions nearby are metallic in their electrical 
behaviour. This may be interpreted in terms of unpublished data of MAZELsKy“” who 
studied a number of mixed valence perovskites. MAZELSKY found almost without 
exception that when the transition metal of the perovskite existed primarily in a very 
stable valence state (e.g., BaTi**O,, LaFe**O,, LaCr?*O,, KNb°®*O,) the material was 
an insulator and when doped became a normal semiconductor. However, when the 
transition metal existed in an unstable valence state (which are incidentally frequently 
hard to prepare) (e.g., LaTi**O, LaMn**O, SrNb**O,) the materials exhibited either 
metallic behaviour or rapidly went intrinsic. This is no doubt due to the ease of the 
thermally excited reaction of the unstable transition metal ion to the more stable 
valence state. (e.g., Ti?* — Ti* e). As a consequence a large number of charge 


carriers are made available for conduction. 


EXPERIMENTAL 


tarting material for these preparations included Fisher’s Certified TiO.,, crystal bar Ti or Unifide 
99 Ti powder, Lindsay 99-9°%, La,O;, and Fisher’s Certified BaCO,;. The various oxides were 


fired just prior to use. 

BaTiO, was prepared by firing a well mixed and pressed mixture of BaCO, and TiO, in air at 
1360° for 4 hr followed by regrinding, re-pressing, and refiring. 

Ti,O, was prepared from a compact of Ti and TiO, powders by either arc melting under argon or 
firing at 1500-1550° for 15 min via r.f. in an argon-filled bell jar with a graphite susceptor. The arc 
melting was conducted on a water-cooled copper hearth. For the r.f. firing the sample was essentially 
surrounded by graphite but was prevented from touching the graphite through the use of zirconia 
spacers. The products of the r.f. reaction were reground and refired to ensure homogeneity. 

Of the many methods which have been tried for the preparation of these materials, one which has 
been found to be applicable throughout the entire range of composition is 


La.O, Ti,O; (1 x) BaTiO, — La,Ba,_,TiOs. 


In this reaction the elements are already in their proper state of oxidation. In order to prevent or 
minimize oxidation during reaction, the materials in pressed pellet form are rapidly fired via r.f. 
heating to a temperature of 1500°C under an atmosphere of argon. The pellet is surrounded by, 
though not in contact with, a graphite crucible and lid which serves the dual role of susceptor for r.f. 
power and getter for oxygen impurities. Deleterious solid state interactions of the pellet was mini- 
mized by placing the sample pellet on a small expendable pellet of the same composition which was in 
turn supported on zirconia. Several firings of 15 min duration on reground and re-pressed samples 
are sufficient to ensure homogeneity. 

Alternatively the pelleted samples could be reacted by arc melting. This was particularly effective 
in the high lanthanum content materials where oxidation is a very severe problem. The materials 
prepared by these two methods are indistinguishable by X-rays. 

According to the formula La,** Ba;*, Ti,* Ti,*,0,? these materials contain reduced titanium 
in proportion to the amount of lanthanum added. The instability of Ti** ion is the reason for prior 
investigations being limited to very low lanthanum additions and is what necessitates the precautions 
cited in the preparational procedure. For example, when the graphite getter is omitted, samples 
become badly oxidized with the result that the Ti®* content decreases. In the case of Lay., Bag.g TiO, 
samples fired in the graphite protection tube have values of the thermoelectric power of — 103uV/°C 
as can be seen on Fig. 2. If the graphite is omitted, the thermoelectric power rises to —470 wV/°C 
since the number of charge carriers (which may be equated with Ti**) are decreased. 

Even at room temperature oxidation is a problem. Finely powdered samples were observed to 


) R. MAZELSKY, Private communication. 
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turn from pure black to a grey colour in a matter of days. Analytical chemical results support the 
oxidation in these cases. For example the Ti** content of Lag.,Bag.9Tig.,3*Tip.g4tO, changed from 
2:24 to 1:54 per cent on storage as a powder. Despite all precautions it will be noted from the tables 
that practically all samples appear to be somewhat oxidized according to the Ti** analysis. Further, 
the amount of spurious oxidation is more severe in the samples having the highest reduced titanium 
content. Oxidation of the sample as it is ground to a powder immediately prior to analysis, oxidation 
during storage and handling, and oxidation during the preparation probably all contribute to these 
results. 

A number of other methods were tried for these preparations. Attempts were made to fire La,O, 
and Ti,O; in sealed quartz tubes at 1200° according to the procedure outlined by KEsTIGIAN and 


-a pVv/°c 
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Fic. 2.—Thermoelectric power vs. composition. 


Warp.) Invariably the quartz was destroyed by the reactants. Further, our experience has been 
that 1200° is not a sufficiently high temperature to yield the desired product by any method we have 
attempted. 

Several other reactions have been used with success insofar as can be determined by X-ray and are 
probably suitable for compositions where x is substantially less than one. 


1300 


x : x : x 
(a) La,O,; TiO, (1 x)BaCO, : H, — > La,Ba,,_,, TiO; (1 x)CO, : H,O 
‘ va H, 1300° sl 7 
(b) xLaTiO, + (1 — x)BaTiO, — > La,Ba,,_,) TiO; 
Equation (a) has been applied where x = 0:5 and 0-75 giving materials which have lattice par- 
ameters 3-964 and 3-957 respectively which is in fair agreement with the data in Fig. 1 although weak 
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ipurity lines are present on the patterns. | quation (b) has been applied w here x 0-5 yielding the 


meters which are also quite close to those given on Fig. 1 being for two samples 3-965 and 


ilytical data are given in Table 1. In general, only Ti** was determined. The method used was 
fication of the procedure developed by MACCARDLE and ScCHEFFER.'!*’ In the case of LaTiO;, 
im and titanium were also determined. By assuming a formula of the type 
g for the silica present in the sample, it is possible to calculate the 
a or Ti®* content. These values are given in Table 2. In either case the 
the difference between large numbers and thus the error is large. However, both 
loss of lanthanum in the hydrogen reduction preparation of LaTiO, 
wo methods yield more nearly stoichiometric products 
lies were made using Co radiation with AKy. 1-78892 and /AK,. 1-79021 
=) 


vs. (cos- U/sin U (cos* G)/9)/2 


The data are given in Fig. 1, Tables 1 and 
case of the arc-melted specimens, microscopic observations could be used as a check on the 
tion. In compounds where stoicheiometry was maintained, only a single phase was 
1-stoicheiometric phases significant quantities of a white impurity phase were noted 


lsements—The chemical analyses reported here were performed by Dr. R. J. NADALIN. 
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CATIONIC SUBSTITUTION IN SOME PHASES 
WITH THE PYROCHLORE STRUCTURE**+ 


R. MAZELSKY and R. WARD 


The University of Connecticut, Storrs, Connecticut 
(Received 7 October 1960; in revised form 21 November 1960) 


THE composition of the minerals of the pyrochlore series may be represented by the 
general formula NaCa(Nb, Ta),0,(OH, F). The chemical analyses of the minerals 
indicate that substitution of these cations by other ions occurs readily. Substantial 
proportions of titanium, zirconium, thorium, uranium, and lanthanide elements are 
found in some species. There is also a considerable variation in the sodium and 
calcium content. The crystal structure of pyrochlore” may be regarded as an anion 
deficient fluorite structure in which the anions assume an ordered arrangement. The 
cations have the face-centred cubic arrangement. The sodium or calcium ions (the A 
cations) retain the eightfold co-ordination found in the fluorite structure but the 
position of the anions is changed in such a way that the niobium or tantalum ions 
(the B cations) are in sixfold co-ordination. The oxygen ions are all shared by two B 
cations but the hydroxide or fluoride ions are in different positions. 

It was thought to be of some interest to investigate how isomorphous substitution 


may be brought about and the range of composition which might be tolerated. 
This paper describes the preparation of some phases with the pyrochlore structure 
in which various ions have been introduced to replace both A and B cations. 


EXPERIMENTAL 
Niobium was the only pentavalent element used in this study. All of the phases prepared may be 
considered variants of the compound NaCaNb,O,F. Equations | to 5 give the reactants and products 
in series which were tried. 
NaF + CaO xNbO, + (1 0-5x)Nb,O; = NaCaNb!’ Nb},_»)Oie_0-52)F 
NaF + (1 1-5x)CaO + 0-5xLa.O, + Nb,O; = NaLa,Cajy_1.52)NbsO¢F 
NaF (1 x)CaO xSrO Nb, O; NaSr,Ca,,_ 2) Nb.O,F 


NaF + (1 x)yCaO + 0-5xLa,O, + xNbO, + (1 0-5x)Nb,O; 
NaLa,Ca,;_) Nb” Nbjs_2)O.F 


(1 x)Nak (1 0:5x)CaO + 0-5xCaF, xMO, (I 0-5x)Nb,O; 
Cai3 4.2) Nay 2)M2" Nbie_2)O.F (5) 


where M'Y = Nb, Mo, Ti, Zr, V. 
Reagent grade chemicals were used in all cases. The niobium‘*’ and molybdenum"? dioxides were 
prepared by methods already described. The intimately mixed components were pelleted and heated 


* Part of this research was sponsored by the Office of Naval Research. Reproduction in whole or in part 
is permitted for any purpose of the United States Government. 

+ Abstracted from a thesis by R. MAZELSKy submitted to the University of Connecticut in partial 
fulfillment of the Ph.D. degree, 1959. 
‘) F, Jona, G. SHIRANE and R. Pepinski, Phys. Rev. 98, 903 (1955). 
2) PD. RipGLey and R. Warp, J. Amer. Chem. Soc. 77, 6132 (#955). 
‘3) Wm. H. McCarRROLL, L. Katz and R. Warp, J. Amer. Chem. Soc. 79, 5410 (1957). 
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in vacuo for a day at 800°, and additional 24 hr at 900° and 18-24 hr at 1050°C. Silica capsules were 
used for containers. The products were examined microscopically and by X-rays. Products con- 
taining Nb’’ and V"* were blue, while those with Mo'Y were brown. The oxidized products contain- 
ing Nb’, Ti’’ or Zr'’ were white. As is usual with this kind of preparation, no very good criterion for 
purity is available. The presence in the X-ray diffraction pattern of lines due to impurities was 


PUTILY 


TABLE | COMPOSITION AND LATTICE CONSTANTS OF SOME PHASES WITH THI 
PYROCHLORE STRUCTURE 





Phase . Lattice constant a, (A) 


NaCaNb,Nbjo_ 7)O(6_0-52)F 10-431 0-001 


_ NaCay_y-5x)La,Nb,O,! 10-431 + 0-001 
10-445 + 0-003 
10-451 + 0-001 
10-463 + 0-001 
10-489 + 0-001 
NaCa,,_»)Sr,Nb,0,F 10-455 + 0-001 
10-479 + 0-002 
10-525 + 0-001 


. NaCa,,_,)La,NbY Nbi,_,,O.F 10-44 
10:46 


5. Nag_21Cay+2)Mi"Nby_2)O.F 
(a) M = Nb 10-401 
10-383 
10-368 
10-364 


(b) M Mo 10-424 
10-422 
10-422 
10-421 


10-384 
10-354 
10-347 


(d) M=Zr 2 10-444 
10:454 


0-25 10-395 
0-50 10-384 





* The presence of La,Nb,O, was detectable in these samples. 


detectable in the products of reactions (1) and (5). In the former, NbO, and in the latter La,Nb,O, 
were shown to be present. Shifts in lattice constant were taken as indications of achievement of 
solid solutions. The data are given in Table 1. The lattice constants given to five significant figures 


were within +-0-002 in almost all cases 

Some of the phases containing Nb'Y and Mo’Y were subjected to chemical analysis. The gain in 
weight upon heating the sample in air was attributed solely to the oxidation to Nb’ or Mo™!. The 
sample was brought into solution by a sodium bisulphate fusion. The calcium was determined as 


V 
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oxalate, the niobium as Nb,O;. Fluoride was estimated indirectly by using an excess of sodium fluor- 
ide in the preparation of the sample and determining the soluble fluoride in the product by precipita- 
tion as PbCIF. Some analytical data are listed in Table 2. The resistivities were measured from room 
temperature to about 250°C. Sintered pellets were placed between spring loaded platinum plates and 
heated in a small electrical furnace in vacuo. Current from a constant d.c. source was passed through 
the sample and a suitable resistor in series with it. The potential drop across the sample was measured 


TABLE 2.—ANALYSIS OF PHASES OF COMPOSITION Na,;_,)Cay;..)M4’ Nb}o_,) O6F 





Ca (%) Nb’ (%) F(%) MEY (°%) 
Found Calc. Found Calc. Found Calc. Found Calc. 


11-33 11-01 49-82 51-09 5-00 
5-89 6°31 
16°63 16:14 48-51 49-89 6°57 5-10 12:01 12:47 
18-50 18-50 
24-91 24-69 


6°32 6-50 
12-61 12-83 





TABLE 3. RESISTIVITIES AND ACTIVATION ENERGIES FOR PHASES IN THE SERIES 
Nays—2)C8¢.4.2)M2" Nbiy_-) O6F 


Z 





Activation energy Resistivity at room temp T at which slope of log 
(eV) (Ohm Cm"! 10°) R vs. 1/I curve changes 


x(M!¥ — Nb!) 


910 
7 102 


1-00 
x(M!Y Mo’’) 
0-10 
0-25 
0-50 





during the cooling process which occurred at about 100°C/hr. The temperature was measured by a 
chromel-alumel couple placed beside the sample. The plots of log resistivity vs. the reciprocal of the 
absolute temperature gave straight lines in all cases. At certain temperatures, changes in slope of the 
lines were observed. The activation energies from the slopes at the lower temperatures are given with 
other data in Table 3. 

Measurement of magnetic susceptibilities were made on a Gouy balance but at room temperature- 
only. The number of unpaired electrons per paramagnetic ion was estimated from these measures 
ments, corrections having been made for the diamagnetism of the non paramagnetic ions. The values 
are listed in Table 4. 

DISCUSSION 

The attempts to introduce anion deficiencies in the pyrochlore structure by the 
procedure indicated in equation (1) did not lead to any extensive departure from 
stoicheiometry. The blue colour of the products suggests that some reduction of the 
niobium had occurred, but it is doubtful that more than 0-1 mole fraction of Nb‘ 
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was present in any of the products. It is not known whether this represents an oxygen 


or a fluorine deficiency. 
Cation deficiencies can be introduced by the procedure represented by equation 
(2). The calcium ions may be replaced entirely by two thirds their number of lan- 


thanum ions so long as all the niobium is pentavalent. The variation in lattice 


TABLE 4.—PARAMAGNETISM OF SAMPLES WITH COMPOSITION 
Nay_2)Cai..2)Mi’Nbiy_,0.F 





No. unpaired electrons 
Tetravalent ion (M!") P ae 
per paramagnetic ion. 


Mo!’ 1-51 
1-08 
0-64 
Nb! 0-93 
0-43 
0-31 
0-24 
0-19 














0-2 . . o-8 1-0 


Variation of lattice constant with cation substitution in phases 
with the pyrochlorite structure. 


constant with the proportion of lanthanum in the phase is shown to be rectilinear in 
Fig. 1. 
\n ideal Vegard’s Law dependence is also found in series (3) where strontium ions 
replace all of the calcium ions (Fig. 1). No lattice vacancies are introduced in this case. 
The substitution of a tetravalent cation for pentavalent niobium was found to be 
more easily effected by valence compensation brought about by replacing sodium 
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with calcium than by introducing a trivalent cation for calcium. The reason for this 
difference seems to be that, with the large trivalent cations like lanthanum, the very 
stable phase La.M',O, is formed. Nevertheless, it seems likely that some of the 
phase Na,,_,)La,Nb!’ Nb{,_,,O¢F is produced for there is an appreciable increase in 
lattice constant. Such a change which would be expected both on account of the 
substitutions of La**+ for Ca2+ and Nb!Y for Nb’. 

The variation of lattice constant with x in Na;,_,,)Ca,,.,) MY'Nb}_,)O,F is shown 
in Fig. 2. It can be seen that none of these plots is a straight line. It may be that 





| 


| 








1, 





0-6 0-8 
x 


Variation of lattice constant with the substitution of various tetravalent 
cations for pentavalent niobium in the pyrochlorite structure. 


substitution of tetravalent cations in the B positions of the pyrochlore structure does 
not follow an ideal Vegard’s dependence. It is also possible, however, that the limit 
of substitution is approximately given by the extrapolation of the line indicated by the 
first two points to the maximum value of the lattice constant. This would place the 
limit of solubility of Mo'Y at <0-2, V*Y at 0-3, Ti'Y and Zr‘Y at 0-45, and Nb'Y at 0-55. 
The detection of the presence of impurities by means of X-ray powder diffraction 
photographs is always open to question especially when the main constituent gives 
such strong reflexions as the pyrochlore crystals do. The change in magnetic sus- 
ceptibility per paramagnetic ion found in these samples suggests a progressively greater 
interaction among the paramagnetic ions with rising concentration in the pyrochlore 
phase. The same effect would be observed, however, if the samples were mixtures 
containing progressively higher proportions of MoO, or NbO,. Direct interaction 
between the metal ions in these dioxides may be inferred from the crystal structure. 
The plots of log resistivity vs. 1/T gives a straight line but in all cases a change of 
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slope occurs at a definite temperature. The limitations of the apparatus made it 
impossible to get resistivity readings beyond 250-300°C. The range over which the 
activation energies could be calculated is quite small. In addition, the curve could not 
be extended much beyond the temperature at which the change in slope was found to 
occur. It is interesting to note that the temperature for the break in the conductivity 
curve remained constant for values of x greater than 0-25 in the case of molybdenum. 
his is beyond the limit of solubility of molybdenum in the pyrochlore phase which 
would be deduced from Fig. 2. For the niobium samples, on the other hand, the 
temperature of change of slope of conductivity continues to change as long as the 
lattice constant changes. 

he physical data can be regarded as qualitative only. The magnetic susceptibilities 
should be determined over a range of temperature to see if a Néel temperature can be 
found near the temperatures at which the slopes of the log resistivity vs. 1/T curves 
change. 

One must conclude that substitution of tetravalent cations for the pentavalent ones 
in the pyrochlore structure is rather restricted. The trend of magnetic properties 
suggests some kind of strong magnetic interaction between neighboring ions in B-sites. 

Cation vacancies in the A position apparently can exist when the B cations are all 
pentavalent. Anion vacancies seem to be difficult to form. It seems remarkable that 


changes in ionic radii of substituents do not seem to bring about distortions of the 


pyrochlore lattice. Limiting compositions are reached and other phases make their 
appearance when tolerance limits are exceeded. 
Acknowledgement—Part of this work was made possible by a grant from the Sylvania Foundation 


which is gratefully acknowledged 
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PHASE EQUILIBRIA IN THE SYSTEMS 
NaF-PuF, AND NaF-CeF,* 


C. J. BARTON, J. D. REDMAN and R. A. STREHLOW 


Reactor Chemistry Division, Oak Ridge National I aboratory+, Oak Ridge, Tennessee 
(Received 20 December 1960) 


Abstract—Phase equilibrium relations in the system NaF—PuF,; were determined by thermal analysis 
and microscopic examination of the slowly-cooled fused mixtures. This system was investigated 


because of interest in possible use of mixtures in the systems NaF—BeF,—PuF, and NaF-LiF-BeF, 


PuF; to fuel a molten fluoride power reactor. Previous studies indicated that the solubility of PuF; in 
such mixtures at proposed reactor operating temperatures is adequate for reactor designs currently 
under consideration. A similar study of the NaF—CeF, system carried out in conjunction with the 
NaF-—PuF; study served to test high-temperature thermal analysis apparatus, discussed in this paper, 
before it was used with plutonium mixtures in the glove box. It also provided data needed to complete 
a phase diagram based on earlier studies of the system in this Laboratory. The NaF—PuF; system was 
found to have one eutectic composition containing about 24 mole % PuF,; melting at 727 3°C and 
one compound, NaF-PuF;, melting incongruently at 842 3°C. Similarly, the NaF—CeF,; system 
was found to have one eutectic composition containing about 28 mole % CeF; melting at 726 cg & 
and one compound, NaF-CeF;, melting incongruently at 810 IOC. 


AN INVESTIGATION of the behaviour of PuF, in fluoride mixtures at elevated tempera- 
tures was undertaken because of interest in the possibility of fueling a moiten fluoride 
burner reactor with plutonium or of producing plutonium from *°8U in a converter 
reactor. Previous studies in this series included determinations of the solubility of 
PuF, in a number of molten fluoride mixtures” and a study of phase relations in the 
system LiF—PuF;." A study of phase relations in the systems NaF-PuF, and 
NaF-CeF, is reported in this paper, together with a description of thermal analysis 
apparatus used to obtain data with mixtures in these systems at temperatures up to 
1300°C. 

Phase relations in the system NaF-—PuF, are of interest because data’ on the 
solubility of PuF, in the systems NaF—BeF,—PuF, and NaF—LiF—BeF,—PuF;, indicate 
the feasibility of using mixtures in these systems to fuel a plutonium-burning molten 
fluoride reactor. The methods used to determine phase relations in the system 
LiF—PuF,, thermal analysis supplemented by microscopic examination of the fused 
mixtures, were also employed in this study but it was necessary to modify the thermal 
analysis apparatus used earlier to permit the attainment of higher temperatures. The 
modified apparatus described below was tested by obtaining thermal analysis data 
with NaF—CeF, mixtures before it was used in a glove-box with NaF—PuF, mixtures. 
The data obtained, together with previously unpublished thermal analysis data and 
some quenching data obtained by other investigators in this laboratory, permit the 
completion of a phase diagram for the NaF—CeF, system which was found to be 

* Paper presented at the Southeastern Regional Meeting of the American Chemical Society, Birmingham, 


Alabama, November 3, 1960. 
+t Operated for the U.S. Atomic Energy Commission by Union Carbide Corporation. 


© C, J. BARTON, J. Phys. Chem. 64, 306 (1960). 
") C. J. BARTON and R. A. STREHLOW, J. Inorg. Nucl. Chem. 18, 143 (1961). 
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rkably similar to that of the NaF—PuF, system and of the NaF—UF; system 


lier in this Laboratory.” 
EXPERIMENTAL 


‘ystallization of melted material under an inert atmosphere. 


gent grade ammonium bifluoride to prevent hydrolysis 
ure was heated until the NH,F-HF decomposed and NH,I 


NaF melted and the melted material was then allowed to 
* impurities during recrystallization. After cooling to 


were separated from the less pure portions. Plutonium 


ride was prepared by B. J. Sturm of this Laboratory. Argon 


"oxygen was used to provide an inert atmosphere over the fluoride 


ere above room temperature. 


lalysis apparatus of the type described in a previous publication'?’ was employed to 
th NaF—PuF, mixtures at temperatures up to 1000°C. Thermal analysis data at higher 
were obtained in the apparatus shown in Fig. 1. This apparatus included a flanged 


ckel container, 8 in. high having an i.d. of 3 in., heated by two 1250 W Calrod heaters, tack-welded 
P 


to the outside of the container and spray-welded with 3—5 lb of nickel powder to provide a more 
r J 


rm heating surface. The ends of the heaters were arranged vertically through notches in the 
1d VA 


and container cover and connected in parallel to a 115 V line through a Variac. The 


resistance furnace shown in Fig. 1 provided an additional source of heat quite close to 


sample container which was a 5 ml platinum crucible. This furnace consisted of an alumina 


ler (Norton Company RA-139), 13 13 in. with } in. walls, internally grooved with a spiral of 
grooves in which 18 gauge platinum wire was inserted. The platinum wire was covered with a 

coat of alumina cement (Norton Company RA-1139), air dried, and then heated to 1300°C. Small 
num disks above and below the platinum sample container and platinum cylinders around the 

na furnace core served as heat reflectors. The platinum wire leads from the furnace were insula- 
alumina spaghetti and fastened to the lower ends of spark plug type connectors in the cover 

the nickel container. Other openings in the cover plate were occupied by gas-tight Swagelok 

hrough which lengths of } in. nickel tubing passed which served as inlet and exit gas lines and 

pport for the thermocouple insulator. The latter tube extended 10 in. above the centre of the 

cover plate and was water-jacketed near the top to prevent heating of the thermocouple junction 
located at the top of the tube. Thermocouple lead wires connected the platinum/platinum—13 per cent 
rhodium thermocouple to a recording potentiometer having a 700-1500°C temperature range or to a 
portable potentiometer. A gas tight seal at the top end of the thermocouple support tube was effected 


by means of a Teflon seal in a Swagelok fitting 


Experimental procedure 

The procedure followed in using the apparatus shown in Fig. 1 with NaF-—PuF; or NaF-CeF; 
mixtures was quite similar to that employed in the earlier LiF—PuF; study.‘*) An empty 5 ml platinum 
crucible was placed in the crucible holder and carefully positioned so that the bare thermocouple 
junction was approximately ,’, in. above the centre of the bottom of the crucible. Weighed amounts 
of NaF, NH,F-HF and PuF, or CeF; were then transferred to the crucible. The NH,F-HF was added 
to prevent hydrolysis of PuF,; or CeF; which might result from the presence of small quantities of 
adsorbed water on the surfaces of the other crystalline materials. The total amount of NaF and PuF; 
or CeF; used was in the range of 3-6 g, and approximately } g of NH,F-HF was used for each gramme 
of the other components. After the crucible was loaded, the platinum resistance furnace and platinum 
heat reflectors were placed around the crucible and the apparatus was assembled and sealed by tighten- 
ing bolts in the flanged lid. The apparatus was leak tested by pumping down to approximately 50 


R. E. THoma, Editor, Report ORNL-2548 (1959). 
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and then placed in position for heating. For experiments with NaF—CeF, mixtures, the nickel 
container was placed in a 5 in. tube furnace, located in a hood, with the flanged collar of the container 
resting on top of the furnace. Experiments with PuF; containing mixtures were performed in a stain- 
less steel glove-box previously described’ and the assembled apparatus was placed in a well in the 
bottom of the box which could be heated externally by means of a Sin. tubefurnace. After the apparatus 
was evacuated, it was filled with argon and a slow flow of argon was allowed to sweep through the 
apparatus while it was heated slowly to about 500°C to decompose the NH,F:HF and to volatilize the 


HIGH TEMPERATURE THERMAL ANALYSIS APPARATUS 
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Fic. 1.—High temperature thermal analysis apparatus. 


resulting NH,F. Heating was then continued at a more rapid rate until a temperature 50-100°C above 
the expected liquidus temperature of the test mixture was reached. The sample was cooled slowly by 
reducing the voltage applied to the Calrod heaters on the outside of the nickel container using a 
Brown programme controller and at the same time manually reducing the voltage applied to the 
platinum resistance furnace. Cooling rates in the range 1-2°C were maintained. When thermal arrests 
were noted in the recorded cooling curve, the thermocouple emf was determined by means of a 
portable potentiometer. For some experiments, the sample was reheated and cooled without further 
treatment to check the thermal analysis data obtained in the first cooling cycle. After obtaining 
thermal analysis data, the samples were cooled to room temperature under an argon atmosphere, 
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crushed, and examined by means of a petrographic microscope. Plutonium mixtures were examined 


by use of a microscope mounted in a glove-box."! 


RESULTS AND DISCUSSION 
rhermal analysis data obtained with NaF—PuF,; mixtures containing 5-55 mole 
per cent of PuFs, together with the results of the microscopic examination of the 
slowly-cooled fused mixtures, are contained in Table 1. Initial tests of the thermal 
analysis apparatus shown in Fig. | were made with pure NaF which also provided a 
check on the calibration of the thermocouple-recorder combination. Halts of 3-9 min 
duration were noted in the NaF cooling curves at 996°C in good agreement with the 


PuF, (mole %) 


Fic. 2.—The system NaF-—PuFs3. 


recent literature value of 995°C. The data in Table | are consistent with the phase 
diagram for the system shown in Fig. 2. Since the compound NaF-PuF, melts 
incongruently at 842 + 3°C, there is only one eutectic composition in the system. It 
contains 24 + 1 mole per cent of PuF,; and melts at 727+ 3°C. The peritectic 
composition contains approximately 40 mole per cent PuF;. The melting point of 
PuF, shown in Fig. 2 was taken from the literature. 

The system NaF-—CeF, was previously investigated“ in this Laboratory by 
thermal analysis, quenching, and examination of both quenched and slowly-cooled 
melts by means of a petrographic microscope and X-ray diffraction equipment. While 
the data obtained were sufficient to indicate the main features of the system, a complete 
phase diagram for the system could not be published due to failure to detect thermal 
effects resulting from crystallization of CeF, from the melt in mixtures in which this 
was the primary phase. Some of the thermal analysis data obtained in the earlier 


4 


M. A. Brepic, J. W. JOHNSON and W. T. Smitn, J. Amer. Chem. Soc. 77, 307 (1955). 
E. F. WestruM, Jr. and J. C. WALLMAN, J. Amer. Chem. Soc. 73, 3530 (1951). 
C 
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J. BARTON, L. M. BRATCHER, R. E. Moore, R. A. STREHLOW and R. E. THOMA. Oak Ridge National 


aboratory, unpublished data 1956-57. 
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Fic. 3.—The system NaF-CeF3. 


TABLE 2 THERMAL ANALYSIS DATA FROM EARLIER UNPUBLISHED EXPERIMENTS WITH 
NaF—CeF, MIXTURES 





Composition CeF; (mole %) Liquidus temperature (°C) Solidus temperature (°C) 


10 910 
880 





Dy the cooling curve. 


investigation, which were used to construct a portion of the phase diagram of the 
system shown in Fig. 3, are contained in Table 2. Recent thermal analysis data ob- 
tained by use of the apparatus shown in Fig. | are given in Table 3. Some data obtained 
by other investigators at this Laboratory using the gradient quenching technique de- 


scribed in 


Fig. 3 appears to be consistent with the data in the tables. The eutectic of NaF and 
NaF-CeF, contains 28 + 0:5 mole per cent CeF, and melts at 726+ 5°C. The 
compound NaF:CeF; melts incongruently at 810 + 10°C. No evidence of a solid 


phase inversion of this compound or of NaF:PuFs, was observed. The peritectic 


, H. A. FRIEDMAN, W. R. Grimes, H. INsLey, R. E. Moore and R. E. THomMaA, J. Amer. 
41, 63 (1958). 
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TABLE 3.—RECENT THERMAL ANALYSIS DATA OBTAINED WITH NaF-—CeF; MIXTURES 





Composition Liquidus temperature (“C) Peritectic temperature (‘C) Solidus temperature (°C) 
CeF, 
(mole % Recorder Potentiometer Recorder | Potentiometer Recorder | Potentiometer 


788UC 786 730H 726 

779H 782 723UC 723 

808UC 806 730H 728 

876H 877 800H 800 725H 726 
798UC 800 

1070H 1068 795 UC 794 720CS 718 

1150H 1146 822UC 817 

1135UC 1130 

1285CS 803UC 


UC = Under cooled; CS = Change of slope. 


TABLE 4.—GRADIENT QUENCHING DATA OBTAINED WITH NaF—CeF; MIXTURES 








P iy aap Temperature (‘C) Microscopic observations 
eF, (mole %) 
50* NaF:-CeF, 
50+ NaF:CeF; 
40* Peritectic point 
Eutectic temperature 
Liquidus temperature 
Eutectic temperature 
Liquidus temperature, 
Nal Primary phase 
660-568 Ne NaF-CeF,; 
670-572 





* Experiment performed by H. A. FRIEDMAN; microscopic examination by 
C. F. WEAVER and X-ray examination by R. E. THOMA. 

+ Experiment performed by R. E. Moore and R. K. BAGWELL; microscopic 
examination by R. A. StREHLOW and X-ray diffraction by R. E. THOMA. 


TABLE 5.—REFRACTIVE INDICES OF THE BINARY COMPOUNDS NaF-PuF;, NaF-UF,'° 


( ompound Description 


NaF:PuF,; ‘ Uniaxial (length slow) 
NaF:UF, 55 56: Uniaxial 
NaF:CeF, 49: of Uniaxial 





composition contains approximately 38 mole per cent of CeF;. The low liquidus 
values noted in Fig. 3 for the mixtures containing 10 and 60 mole of CeF, were 
probably due to under-cooling. The similarity of the NaF—PuF;, NaF—CeF, and 
NaF-UF, phase diagrams encouraged a comparison of the optical properties of the 


(8) H. INstey, T. N. McVay, R. E. THoma and G. D. Waite, Report ORNL-2192 (1956). 
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binary compounds formed in these systems. The optical characteristics of these 


compounds listed in Table 5 shows a marked similarity. 

The sensitivity of the high temperature thermal analysis apparatus described in 
this paper was shown by detection of liquidus temperatures as high as 1285°C. The 
principal difficulties experienced in the operation of the apparatus were short life of 
the platinum resistance wire in the maximum temperature range, embrittlement of the 
platinum support and crucible, and poor control of the cooling rate at high tempera- 
tures. The poor high temperature performance of the platinum components of the 
apparatus was possibly due to maintenance of an inert (argon) atmosphere within the 
furnace required to maintain cerium and plutonium in the trivalent state. The 
difficulty encountered in controlling the sample cooling rate can be attributed to the 
small heat capacity of the platinum resistance furnace and to the use of three different 


heat sources. 
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TANTALATES 
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Abstract—A mixed alkali metal niobate, Nay,K,Nb,0,,-9H,O and a tantalate, Na,K;Ta,O,,°-10H,O 
were isolated by crystallization from sodium hydroxide—potassium hydroxide solutions. Their 
compositions were determined by chemical analyses, and their existence as well-defined phases was 
demonstrated by phase plots and powder diffraction patterns. It was possible to achieve a partial 
separation of niobium from tantalum by taking advantage of the difference between the precipitation 


rates of the respective salts. 


WHEN niobium and tantalum oxides are fused with basic hydroxides, niobate and 
tantalate salts are formed. The simplest member, KNbO,, is formed only when 
stoicheiometric amounts of Nb,O; and potassium hydroxide are used and is insoluble 
in water. If excess hydroxide ion is used in the fusion mixture, water-soluble niobates 
and tantalates are formed which have higher than 1:1 ratios of alkali metal to niobium 
(or tantalum). The water-soluble niobium compounds most frequently mentioned in 
the literature are M,,Nb,,03,,"-*) M,Nb,0,,,°'>-® and M,Nb,O,;,'" where M is 
usually sodium or potassium. If the fusion mixture is leached with water and crystal- 
lized, the 14:12 series is obtained. This series has been worked on extensively by 
Russian workers who have also prepared the alkaline earth salts. 

Sodium niobate is known to be less soluble than the potassium salt,‘® and it was 
thought that the addition of sodium ion to potassium hydroxide solution of potassium 
niobate would produce the pure sodium salt. However, analysis showed the product 
to contain both sodium and potassium. A study was made of the products obtained 
from various NaOQH—KOH solutions, and the results indicate the existence of certain 
“mixed”’ salts, i.e., salts containing stoicheiometric amounts of both sodium and 


potassium. 
EXPERIMENTAL 


Water-soluble niobates and tantalates (stock compounds for use in preparing the mixed alkali 
metal salts described) were prepared by fusing 10 g of Nb,O; with 20 g of potassium hydroxide, 
dissolving in water, filtering off the residue, precipitating with sodium hydroxide, filtering and washing 
with ice-water. Analysis of the product showed it to contain 60-0°% Nb.O,, 16:°5°% K.,O, 7:-7% Na,O 


and 18-3% H,O. 
The mixed alkali metal salts were prepared by dissolving 2 g of the stock compound in 100 ml of 
hot water and, while hot, adding to 300 ml of a hot sodium hydroxide potassium hydroxide mixture. 


. W. BAKE and E. F. Smitn, J. Amer. Chem. Soc. 30, 1637 (1908). 

(2) A, REISMAN, F. HOLTZBERG and M. BERKENBILT, J. Amer. Chem. Soc. 81, 1292 (1959). 

(3) V. I. Sprtsyn and A. V. Lapitsku, ZA. Neorg. Khim. 1, 1771 (1956). 

1) V. A. PcHeLkin, A. V. Lapitskil, V. I. Spirsyn and Y. P. SImMANov, Zh. Neorg. Khim. 1, 1784 (1956). 
(5) R. A. BritTON and H. T. S. Rostnson, J. Chem. Soc. 2265 (1932). 

‘6) T, LiInpgvist and B. ARONSSON, Arkiv. Kemi 7, 49 (1954). 

(7) 7, Linpevist, Arkiv Kemi. 5, 247 (1953). 

C. G. MARIGNAC, Ann. Chem. Phys. IV, 9, 5 (1866). 
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n was cooled rapidly to ice temperature, and the product was obtained by filtration. The 
i was washed once with ice water and six times with boiling ethanol. 
iobium and tantalum analyses were performed gravimetrically by dissolving the sample in water 
lifying with hydrochloric acid, then neutralizing with ammonium hydroxide. The precipitate 
1 through paper and ignited at 800-1000°C. for 2 hr and weighed as Nb,O; (Ta,O;). 
and potassium analyses were performed by flame photometry and duplicate results showed 
than 5 per cent relative 
lyses were accomplished by observing the weight loss after heating the compounds for 
irs at 800°C 


1m of water, niobium or tantalum pentoxide, and alkali oxide percentages was between 98 and 











*hase plot showing existence of Na—K niobate. 


(A) Composition of NaysK,Nb,0y4p9. 


inalyses for determining niobium-tantalum separations were done polarographically in 
acid solution buffered at pH 3-0.'*) Similar tantalum analyses were performed spectro- 
1a catechol-EDTA mixture at pH 3-0;"'°) theabsorbance was measured at 366 mu. 

raction patterns were taken with the Norelco (North American Philips Co.) 

ray Generator and No. 12064 Diffractometer using Cu radiation (1:5405 A) and a nickel 


min was used over the range 5°—60° (20 values). 


RESULTS 

Fig. | shows the composition of the niobates which crystallized from various 
potassium hydroxide-sodium hydroxide mixtures (the total hydroxide ion concentra- 
tion was 5 F). The total alkali metal to niobium ratio was 1-31 ++ 0-04, indicating the 
salts obtained from 5 F base were the type M,Nb,O,,. In the range 30% KOH (1-5 F) 
to 90°, KOH (4-5 F) the precipitated niobate had a constant analysis corresponding 
to the formula K,Na,Nb,0,,°9H,O. Pure sodium niobate (NagNb,O,,°13H,O) was 
obtained from solutions containing less than 10 mole % KOH (0:5 F). The pure 
potassium salt (KgNb,O,,°10H,O) could only be prepared by crystallizing in the 
absence of sodium ion. 


D. J. Ferretr and G. W. C. MiILner, J. Chem. Soc. 1186 (1956). 


V. Petrovsky, Chem. Listy 52, 255 (1958). 





Sodium-potassium niobates and tantalates 


When these salts were first prepared the analyses corresponded to the formula 
M,Nb,0,3. However, in such cases the compounds had been washed with ice water 
only. Washing with boiling alcohol decreased the alkali metal to niobium ratio from 
from 1-5 to 1-31. It is possible that the alcohol might have changed the degree of 
polymerization, but X-ray patterns of the MgNb,O,, “‘salts’’ were identical to the 
corresponding M,Nb,Q,, salts indicating that the excess alkali metal was present as 
adsorbed hydroxide which was removed by the alcohol wash. 

A similar series of experiments was run with sodium—potassium tantalate, and the 
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Fic. 2.—Phase plot showing existence of Na-K tantalate. 
(A) Composition of NasK;Ta,Oj,. 


results are shown in Fig. 2. The total alkali metal to tantalum ratio was 1:29 + 0-04 
indicating the type MgTa,Oj9. A tantalate of constant composition which closely 
approximated Na,;K;Ta,O0,,°-10H,O was obtained in the range 50% KOH (2:5 F) to 
90° KOH (4:5 F). 

Powder X-ray diffraction patterns were taken of the pure sodium, sodium 


potassium, and pure potassium niobates, and the major lines are given in Table 1. 


It is evident that each has a distinct pattern. 

The powder pattern of NagNb,O,,°13H,O is consistent with the data which 
Linpgvist™ reported for Na,,Nb,.,0,,°32H,O. This compound contained the 
Nb,O,, § ion and was orthorhombic with cell constants: a = 10-01 A, b = 12:12A 
and c = 12°61 A. He suggested 2Na;HNb,O,,°31H,O for the formula and this may 
indicate that when the niobate was crystallized from very dilute base solution or 
water some hydrolysis took place. 

LINDQVIST and ARONSSON? determined the crystal structure of potassium tantalate 
and showed that it contained the Ta,O,,°~ ion. SpitsyN and SHAVROVA" have 
formulated: the compound as Na,,Ta,,03.°33H,O. A few light scattering measure- 
ments showed that solutions of both niobates and tantalates rapidly became colloidal 


1) VY. I. Sprtsyn and N. N. SHAvRovA, J. gen. Chem., U.S.S.R. 26, 1425 (1956) (English translation.). 
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so that no information about the nature of the ions in solution could be obtained. 
However, the simplest formula M,O,,°~ appears to be consistent with the analysis 
and crystal structure of the solids crystallized from solution. 


TABLE | POWDER X-RAY DIFFRACTION PATTERNS OF ALKALI MET AL NIOBATES 





NagNb,¢0,9'13H,O Na,K,Nb,O,.°9H,O K Nb,0,,°10H,O 
Rel. height d(A) Rel. height d(A) Rel. height 

8-418 9-710 100 
8-110 ‘205 19 
5-862 ® 3665 29 

3-339 50 

893 17 

‘688 


‘019 
752 
‘411 
188 
5-941 
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Similar phase plots were constructed for sodium-lithium niobate and ammonium— 
sodium niobate. Sodium and lithium did not form definite compounds and over a 
wide range [50° NaOH (2 F) to 100° NaOH (4 F)] the ratio Na/(Na Li) in the 
solid was equal to that of the solution. NagNb,O,,°13H,O was obtained from 
mixtures containing sodium and ammonium ions and no ammonium salt was ever 


obtained. 





Sodium-potassium niobates and tantalates 


Niobium-tantalum separations 

It was observed in the preparation of mixed alkali niobates and tantalates that 
when the potassium: sodium ratio was high, the tantalate precipitated out much more 
slowly than the niobate. Since the potassium salts of both were quite soluble, and 
since the sodium salts of both were insoluble and precipitated out quickly, this 
behavior must have been due to the formation of the mixed salts. It was thought 
that a Nb-Ta separation might be based on this fact. 

In order to show that this phenomenon would also take place in mixtures of 
niobium and tantalum, samples containing 2 g of sodium—potassium niobate and 2 g 
of sodium-—potassium tantalate were dissolved in 200 ml of hot water and precipitated 
with mixtures of sodium hydroxide and potassium hydroxide (total alkali hydroxide 
was 5 F). The mole ratios used were from 3-30 parts KOH to 1 part NaOH. The 
first crop of product was filtered off after 30 min and contained between 70 and 90 
per cent of the niobium. A second crop was obtained by adding more sodium hydrox- 
ide and contained most of the tantalum. Thus, some separation could be effected, 
but was not quantitative. 

Although it was apparent that the rate of precipitation was the determining factor 
for this separation, it was thought that there might be differences in the equilibrium 
solubility also. Half-gramme samples of sodium—potassium niobate and sodium 
potassium tantalate were dissolved in 50 ml of water and added to solutions containing 
various NaOH/KOH ratios (0-1-10). The mixtures were stirred at room temperature 
for 3 hr and filtered through a fine sintered glass filter. The filtrate was analysed 
polarographically for niobium (or colorimetrically for tantalum). The solubility of 
sodium-potassium niobate was 0-2-0-3 mmolar, while that of the tantalate was 3-4 
mmolar. Thus, the tantalate was more soluble than the niobate, but still so insoluble 
that the separation obtained must have been primarily a rate effect. 


1cknowledgements—The author thanks V. L. ALTEMus, JR. for performing much of the experimental 
work reported in this paper; H. M. HussBarpb for examining the manuscript; and A. G. Scott for 
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THE REACTION OF UF, WITH OXYGEN 


C. J. MANDLEBERG* and D. DAVIES 
(Chemistry Division, A.E.R.E., Harwell, Berks.) 


(Received 6 December 1960) 


Abstract—UF, is a product of the reaction of UF, with dry oxygen above 600°C and at 800°C the 
dominating reaction appears to be 2UF, + O, = UF, + UO,F;. 

The overall reaction is more complicated that this—U,O, is also formed, and possibly U,F,;. 

Thermal decomposition of the UO,F, may also take place. In glass and silica, hydrolysis caused by 
residual moisture reduces the amount of UF, which can be isolated. 
THE reaction of oxygen with UF, to form UF, was reported in the U.S.A. in a classified 
document in 1945," and subsequently investigated independently by the present 
authors at the A.E.R.E. Harwell.“ The reports have recently been de-classified, and it 
is now appropriate to record the following observations which resulted from work 
done without knowledge of that of Friep and DAvIDSON (/oc. cit). Although the 
techniques are similar to those of the American workers, some of our conclusions have 
not previously been reported. 
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f oxygen with uranium tetrafluoride. 


EXPERIMENTAL 


1 that of Frrep and DAVIDSON in having the reaction furnace tube of 
cygen was dried successively by sulphuric acid, calcium chloride, silica 


was then condensed consecutively in two traps surrounded by 
the liquid nitrogen in the final trap was replaced by liquid oxygen 


1 to evaporate, the required oxygen flow-rate was attained by adjusting 


ise, Cuddington, Northwich. 
AECD-2081 (1945), 
vies and K. E. Francis, AERE CM-157 (1953). 
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The UF, was prepared by passing HF over precipitated uranous oxalate at 400-500°C, and it was 
then kept in an oven at 110°C. X-ray diffraction photographs showed no phase other than UF, to be 
present. To prepare UF,, the UF, was placed in a platinum boat within the quartz tube, which could 
be heated by a small resistance furnace. The temperature was measured by a calibrated Pt—Pt/10°Ir 
thermocouple in contact with the outer wall of the reaction tube. The silica U-tube contained KF in 
order to inhibit the hydrolysis of the UF,, and all the upper part of the U-tube was flamed under 
vacuum with an oxy-coal gas flame. The Pyrex glass break-seal tube into which the UF, was distilled 
also contained KF, and was flamed under vacuum until the walls began to collapse. Some of the 
tubes carried a small side tube and bulb (Fig. 1), into which any volatile product could be distilled and 
sealed off free from KF. 

The procedure was to pump out and flame, isolate from the pump, and flush-out with the dried 
oxygen which passed out as a slow stream through a trap filled with glycerol. After flushing, the 
U-tube was cooled with liquid oxygen and the furnace switched on. After the run, the furnace was 
switched off, the apparatus was evacuated, and liquid oxygen was placed around the break-seal tube. 
The apparatus was isolated from the pumping system, the liquid oxygen removed from around the 
U-tube, and any volatile product allowed to condense in the break-seal tube. The apparatus was 


again evacuated and the break-seal tube sealed off. 


TABLE 1. 





Temp. Wt. of Reaction Yield of 


Residue 
(CC) UF,(g) time (hr) product er, 


Run No. 


C16 600 1:06 “7! Trace UF, slight reaction (U;0x) 
700 0-96 ‘7! 20 mg UF, covered with UO,F, 
745 -30 : 110 mg UO.F, + a little (?)U,0,-no 

UF, 

790 0-92 ; Not collected UO.F, trace (?) U,O, 
800 1-28 : Good UO.F, thin layer of U,O, 
870 0-23 Good UO.F, U,0, 
900 0:46 4 mg U,0, UO.F, + trace UF, 
930 0-94 Good U,0, 
980 0-60 } Good A little U,0, 


1000 ‘O8 Good Possibly trace of | sO. 


RESULTS 

The matters investigated were: 

(i) the effect of temperature on the course of the reaction, 

(ii) the volatile products, 

(iii) the involatile product, 

(iv) the hygroscopicity of UO,Fs. 

(i) Reaction temperature. Results of operating at different temperatures are given 
in Table 1. 

Between 800-840°C, copious white fumes passed from the reaction furnace and 
condensed in the U-tube; at 900°C this evolution from 1 g UF, was complete in 2-3 
min. In the silica and pyrex apparatus, in spite of the stringent drying, some etching 
and consequent loss of product occurred, and some UO,F, was always found in the 
U-tube. To find the losses due to fluorination of the apparatus a number of further 
runs was carried out in which the furnace was kept at 200°C during evacuation and 
then raised in temperature as indicated: 


Time (min) 0 2 + 5°5 8 12 
Temp. (°C) 200 640 780 860 920 furnace off 
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After a run, the break seal was opened under water, washed out into a standard flask 
and the uranium determined fluorimetrically. The results are shown in Table 2 


TABLE 2. 





Wt. of UF, Wt. of U in product Wt. of U in product 
me (g) (Calcd*)(g) (Found) g. 
028 0-200 0-076 0-00032 
024 0-355 0-135 0-0079 
025 0-601 0-229 0-00038 
026 0-842 0-321 0-016 
029 1-018 0-387 0-0983 





* From 2UF, + O, = UO,F, + UF, 


A comparison with the 0-02 g U from 0-96 g UF, at 700°C and the 0-110 U from 
1-30 g at 754°C shows that pense hydrolysis was taking place; the chain 
reaction of UF, + 2H,O — UO,F, + 4HF followed by 4HF + SiO, — SiF, + 2H,O 
was not completely inhibited by the KF and the stringent drying precautions. 

(ii) Volatile reaction product. The reaction product itself was not analysed. It was 
deduced to be UF, on three grounds. 

(a) Only UF,, O,, SiO, and traces of water were initially present, and, because 
uranium was found in the break-seal tube a volatile uranium compound must 
have been formed. 

(b) The product was a white feathery sublimate, which sublimed without 
liquefaction when subjected to the warmth of the hand on the outside of the 
tube. 

(c) A sample distilled into, and sealed off in, one of the side tubes, melted at 
60-62°C (m.p. UF, 64-052°C). The only likely volatile contaminant is SiF, 
(m.p. —77°C). 

(iii) Solid reaction products. The reaction 2UF, -+- O, = UF, + UO,F, proposed 
by FrieD and DAVIDSON appeared to be the predominating one. But there are other 
features of interest. Thus, at higher temperatures, the thermal decomposition of the 
UO,F, in oxygen is similar to that which FrieD and DAVISDON observed in a vacuum. 
With them, we also found that the yellow UO,F, and the green UF, (disclosed by X-ray 
diffraction analysis) distil out of the boat and condense on the furnace walls, leaving a 
residue of U,O,. The reaction they tentatively advance, 

3U0,F, — UF, + 3U,0, + 40., 
accords with the observed facts, but as their calculation of AF indicates that a tem- 
perature of 1027°C would be necessary for it to proceed, the equilibrium would be 
expected to lie to the left in high partial pressures of oxygen at 827-977°C. We have 
found no evidence for or against the production of free fluorine required by their 
alternative reaction. 

4U0,F, — U,O, + UF, + 2F, 

A black glassy fused mass was formed in the residue from some runs. It had an 
X-ray pattern similar to, but not identical with UF,. Although it could be fused UF,, 
it might possibly be U,F,;, reported by AGRON et al. as being produced from UF, 


P. AGRON, A. GREENALL, R. KEMIN and S. WELLER, MDDC-1588 (1944). 
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and UF,, and originally described as “black UF,” with a distorted UF, lattice. 

Another observation concerned the UO,F, that condensed on the cooler parts of 
the reaction tube and upper parts of the U-tube. Usually the U-tube was gently 
warmed to distil the UF, into the break-seal tube, but if the heating was too strong, 


TABLE 3. 





Time Wistete of ehecies tn Mole H,O/mole 
(hr) (min) ee UO.F, 


00 Removed from furnace 0-00 
0-4221 0-01 
13 0-4274 0-22 
13 0-4316 0.39 
0-4355 0:56 
0-4396 0-72 
0:4670 1-83 
0-4680 1-89 
0-4683 1-90 





the UO,F, decrepitated, and turned green. A specimen of this material could not be 
secured for X-ray diffraction analysis. But when UO,F, was heated sealed up with 
UF, neither decrepitation nor green colour were observed. 

(iv) UO,F,. Since the hygroscopicity of UO,F, appears to depend on the method 
of preparation, it was thought to be of interest to determine the rate of asborption 
of water by material produced by direct oxidation at 850°C. Immediately after a run 
some of the UO,F,, in a weighed boat, was placed on a balance pan, and thereafter 
weighed at intervals, with results as given in Table 3. Extrapolating the weight back 
to the time at which the material was removed from the furnace gives 0-4219 g as the 
weight of (presumably) anhydrous UO,F,. The moisture up-take has been calculated 
on this basis. During the hydration the colour changed from off-white to canary 
yellow. 

DISCUSSION 


This procedure does not provide a good method for preparing UF, in glass 
= 6 = 


apparatus owing to the loss through hydrolysis. Better yields would probably be 


obtained in an all-metal apparatus. 
The reaction is more complex than the simple oxidation, 


2UF, + O, ~ UF, + UO,F,, 
and some thermal decomposition of the UO,F, occurs. It did appear, however, that 
if a similar reaction took place between PuF, and oxygen, this form of apparatus 
should make possible the preparation and detection of any volatile product of the 
latter reaction 


Acknowledzements—We would like to thank the Director, A.E.R.E., Harwell for permission to 
publish this paper and also Professor P. L. ROBINSON for his help in its preparation. 
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A VAPOUR-PRESSURE STUDY OF THE SOLUTION OF 
ANTIMONY IN LIQUID ANTIMONY (Il) LODIDE— 
THE FORMATION OF Sb.I,* 


B. L. BRUNER and J. D. CorBETT 
Institute for Atomic Research and Department of Chemistry 
lowa State University, Ames, lowa 


(Received 1 November 1960; in revised form 6 December 1960) 


Abstract—The vapour-pressure of liquid SbI, in the range 260-405” is given by log Pmm 2504:-5,/T 


> 


2-800 10°)/7 7:2119 rhe decrease in vapour pressure of Sbl; on equilibration with solid 


ood agreement with that calculated from metal solubilities for the formation of an ideal 


c 
yn of Sb.1, in SbI,, confirming the conclusions of an earlier electromotive force investigation of 


ne syste Values of 13-4 and 10-0; kcal for AH 5, and AF 59, respectively, are calculated 


solubilities for the solution reaction 4SblI, 2Sb 3Sb.14,.,; corresponding 
S1-, and —30-, kcal mole~! are estimated for the formation of the unstable Sb.I,,; 
nd Sb Reduction of SbI at about 300 mm and 360-480° by the metal could not be 


detected by vapour density measurements 


oxidation—reduction equilibrium in liquid SbI, containing “‘dissolved”’ antimony 
netal was recently investigated in concentration cells of the type C/Sb,,,,,, Sbl,, 
Sb , SbI,,,,/C™. An electrode reaction involving two equivalents of reduction per 
mole of solute was observed, and this was consistent only with the formation of either 
Sb,I, or SbI. A considerable preference was expressed for the occurrence of the 
former (as the catenated I,Sb-SbI,, analogous to P,I, and As,I,) since only it appeared 


table with the diamagnetism of these solutions. 


e study of such slightly stable, solute species, the foregoing method has the 
advantage that it measures directly a quantity relating to the solute. However, since 
the EMF data appeared to indicate the absence of nonideality in the (molecular) melt, 
and since the metal solubility (1-6, mole per cent at 201°, 5-8 per cent at 400°’) is large 
enough to influence markedly the activity of the solvent, the vapour-pressure of SbI, 
over the solution has also been investigated. The decrease in pressure observed on 


solution of metal agrees quite well with that calculated for the formation of Sb,I, 


EXPERIMENTAL 


ipour-pressure of SbI;, pure and in equilibrium with solid metal, was measured with the aid 


a I 
ull-type, Pyrex, diaphragm gauge similar to that described by DANrELs.“) The diaphragm was 
downward into a cell body of about 40 80 mm. The 120 mm pointer attached to the dia- 
1 projected upward inside the tubing that connected to the necessary vacuumand argon sources, 
| manometer. The typical gauge had a sensitivity of about + mm defiexion per mm 
ial and the null point was invariant to >400°. When the pointer was viewed through 
ope the reproducibility was comparable to that with which the manometer could be 
0-1 mm). This manometer was constructed of selected, 8 mm i.d tubing, and 
were measured visually using a meter stick that had been calibrated by a precision 


All pressures were corrected to 0° and to standard gravity, using a locally-determined 


j 1 


performed in the Ames Laboratory of the U.S. Atomic Energy Commission. 

rand F. C. Avpers, J. Amer. Chem. Soc. 82, 533 (1960). 

, S. v. WrnsusH and F. C. Asers, J. Amer. Chem. Soc. 79, 3020 (1957) 
imer. Chem. Soc. 50, 1115 (1928). 
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The salt employed was prepared from the elements as before’ and sublimed in vacuum into 
fragile ampoules containing about 5 g each. The metal (A. D. MacKay, 99-99 + per cent) was melted 
under vacuum and any surface oxide removed with dilute HCl. The cell was sealed onto the rest of the 
apparatus with a vacuum bypass around the diaphragm and with a segmented sublimation tube 
containing the ampoule connected to the bottom. The cell was evacuated with a diffusion pump and 
baked out over-night at 400°. (For solution measurements the powdered metal was already in the cell 
and, in this case, sublimation of what appeared to be traces of Sb,O, was noted). The ampoule was 
then broken with a magnetic hammer, the salt sublimed three times at 180°, the last into the cell, and 
the system sealed off. 

The cell was positioned axially in a vertical, 16 in. Marshall tube furnace, with the tip of the pointer 
projecting just above the top of the furnace. Convection baffles of transite were placed 4 cm above 
and below the cell. One thermocouple, calibrated to +0-01° by Leeds and Northrup, was positioned 
in a small indentation in the bottom of the cell to measure the sample temperature, while a second, in a 
tube parallel to and in contact with the cell wall, was used to measure the temperature gradient along 
the cell. For gas density studies the gradient along the length of the cell plus 2 cm at each end was 
adjusted to +0-5° by means of shunts on the furnace taps. For solution measurements a positive, 
upward gradient of 3-7° at 400° was found to give consistent results. A lower AT gave high and 
sometimes erratic results, while gradients above 7° gave increased pressures that equaled the pressure 
of the pure salt when AT exceeded 25°. The furnace temperature was regulated by a proportioning 
controller with its thermocouple in contact with the inside wall of the furnace. 


RESULTS AND DISCUSSION 
The vapour-pressures obtained for pure liquid SbI, in the range of 260—405° 
(32-805 mm) are described by the equation 


log Pum 3411-7,/T + 7-9440 (1) 


determined by the least squares method. Since a plot of the deviations of the experi- 
mental data from those calculated by the above equation showed a definite parabolic 
trend, this difference was fit to a quadratic function* and added to (1) to give 


log Pram 2504-5,/T — (2-800 x 105)/72 + 7:2119.. (2) 


This equation described the data with an average deviation of 1-0 mm or 0-3 per cent. 
The heat of vaporization obtained from (2) is 15-3 kcal mole~! at a normal boiling 
point of 401-0°. The latter agrees very well with that given by STuULL;“ however, the 
unpublished vapour-pressure data cited are 5—6 per cent lower in the range 60-400 mm 
than those found here. 

Vapour-pressure data for the melt in equilibrium with solid metal are given in 
Table 1. The vapour-pressures for ideal solutions of a variety of solutes were calcu- 
lated from the data for the pure salt and the here-to-fore measured solubilities of the 
metal.'?) The diminution of the vapour-pressure of SbI,, AP, expected for various 
species is compared with that obtained experimentally in Fig. 1. In the range where 
the accuracy of the measurements is best (AP > 20 mm), the results agree strikingly 
well with those expected for the formation of Sb,I,, while they are at variance with 
Sb, SbI, and other “reasonable” solutes. These findings thus substantiate the con- 
clusions of the earlier e.m.f. measurements," for which the only other possibility, SbI, 


is again distinctly less satisfactory, and they confirm for this case the general views 


previously expressed) regarding the mode of solution of a number of metals in their 
molten halides. 


* The more conventional log T correction was not as satisfactory. 


 D. R. Strut, /ndustr. Engng. Chem. 39, 541 (1947). 
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As will be noted in Fig. 1, the values of AP below about 350° are slightly higher 
than anticipated from the behaviour at higher temperatures and pressures, particularly 
for the data shown as circles. A negative deviation that becomes significant at the 
lower temperatures is a possible explanation; since Sb,I, differs formally from Sbl 
only in the degree of solvation (SbI-‘SbI,), the magnitude of the effect of formation of 


TABLE 1.—VAPOUR—PRESSURES OF THE SYSTEM Sb,,)—SbI 4; 





t(°C) Pom t(°C) Pum 


405-1 730-9 348-4 264-4 
403-7 717°8 343-0 236:1 
399-1 665: 339°8 222°7 
398-6 660-6 331-8* 188-6 
393: 604-4 Sk": 185- 
387: 548-5 327: 170: 
501-0 318- 142- 
453- sf: 136: 
394 312- 122- 
309-5 113-6 
303-5’ 99-4 
300- 91-0 
299: 89-5 
289-5 70:1 
282: 58-6 


979- 45.9 


389 
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266: 38-8 
262-5" 34-8 
256-0 





at temperature; all others, 5° at 400°. 


Sb,1,-Sbl, (SbI-2SbI,) is also shown for comparison. However, differentiation as to 
the specific degree of solvation by data in this temperature region is not warranted and, 
in addition, the agreement at the lower pressures is still not satisfactory. Instead, 
there is evidence that the actual trouble is probably due to a systematic error of 1-2 
mm in the smaller AP values. Since the uncertainty in the solubility of metal 
amounts to only about | mm in AP at 350°, the most likely source of the discrepancy 
appears to be the effect of too large or too small a temperature gradient along the cell 
(see Experimental) for measurements involving a small AP. Since the data shown in 
Fig. | as circles were obtained with a gradient adjusted to 5° at 400°, and this AT de- 
creased with decreasing temperature, another set of data, shown as crosses, was ob- 
tained with the gradient adjusted at each temperature to 5°. That these results are 
somewhat more concordant with those obtained at higher temperatures and pressures 
indicates this was probably the reason for the small errors apparently present in the 
previous data. A more thorough investigation of the true temperature distribution 
within the cell and of the optimum gradient below 350° was not undertaken as the prin- 
cipal objective of the work appeared to have been attained. 

As has been noted before," plots of log solubility vs. 1/7 for solutions of many 
metals in their respective molten halides are substantially linear. This is reasonable 
since in dilute solution the equilibrium constant for the reaction that occurs on solution 
of metal is essentially proportional to an appropriate power of the solubility, and 





\ vapour-pressure study of the solution of antimony in liquid antimony (III) iodide 65 


therefore the slope of such a plot is related to the enthalpy of this reaction, including 
any nonideal heat of mixing. In the present case the evidence supports the reaction 


4SbI5,,) + 2Sb,,) = 3Sbel,,,), 


with the pure liquids as the standard states for the two iodides, and the log K-1/T 
plot calculated from the measured solubilities is linear within the limits corresponding 








100 a St ee T 4 
] I / Sble Is 1g Sbl, 


| 


o dala 
/ 


SblI 





| 


400 











Fic. 1.—The decrease of the vapour-pressure of SbI33,;,, AP, on equilibration with Sb,,). Solid 
curves, calculated from solubility of metal; O and -+-, experimental results (see text). 


to an uncertainty of 0-05 mole per cent in solubility at 300°. Inasmuch as there is no 
indication of a significant nonideality in the melts, the value of 13-4 kcal obtained 
between about 480° and 670°K can be taken to be essentially equal to AH” for this 
reaction and, presuming Raoult’s law holds for the solute (Ng, 7, = 0-026-0-095) 
10-0, kcal for AF 59. Using data given in the literature for SbI,, AH 50) and AF soo 
values of —51-,and —30-, kcal mole are calculated for the formation of (the unstable) 
Sb,I,,,, from gaseous I, and solid Sb. For Sbsl4;,), AHoo, might be about —57 kcal 
mole. 

Since transport of the nonvolatile metal by SbI,,,, at low pressures has been ob- 
served as low as 300°,’ some effort was also made to detect a significant change in the 
pressure in the SbI,,,)—Sb,,) system. Using a known weight of salt in a cell of known 
volume, the pressure of the pure triiodide at 350-450° agreed to within 0-5 per cent 
with that calculated for the ideal monomer. In the presence of metal at 350-480°, the 
observed pressures (ca. 300 mm) were indistinguishable (+1 mm) from those calcu- 
lated for the pure triiodide, indicating that (unless a new Sb,,,,I, is formed, for which 
AP = 0) a more sensitive method and/or higher temperatures will be necessary to 
characterize the gaseous system. 


5) L. BREWER et al., The Chemistry and Metallurgy of Miscellaneous Materials: Thermodynamics, (Edited by 
L. L. Qut__t) NNES, Plutonium Project Record Div. IV, Vol. 19B, McGraw-Hill, New York (1950) 
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CHEMISTRY OF BORANES—II® 
DECABORANE DERIVATIVES BASED ON THE B,,H,, STRUCTURAL UNIT 


i 


W.H. KNOTH and E. L. MUETTERTIES 


yepartme Experimental Station E. 1. Dupont de Nemours & Co. 


Wilmington, Delaware 


7 November 1960) 


Abstract—1 iriety of possible compounds based on the B,,oH,. structural unit has been demon- 
2base derivatives, including those in which one or both of the 
Chemical evidence for the isostructural relationships of the 
ly based on the facile conversion of the unique B,,»H42."(CHs).S 
H;).S Spectral evidence also supports the isostructural 
3,9H,2"H'H,O-) may also belong to this class. B,)>H,2°(CHs)2S 


“t ] 
c ra 


DISCUSSION 


ynpounds 
publications'*-°®) have described preparations of decaborane deriva- 


B, H,.°2base from decaborane and organic bases such as acetoni- 


amines,‘*»”) and diethylcyanamide.‘” 
2base — H, B, 9 H,."2base. 


In similar studies we have found that operable bases also include sulphides, sul- 
phoxides, phosphine oxides, amides and thioamides as shown in Table 1. 
Related series of B,,»H,.°2base compounds in which one or both of the base ligands 


J 


ivalent inorganic anions may also be prepared. Examples of the first type are: 


NaB, )H,,CN:(CHy).S, Na B,oH,sCN-(CH,),S 


NaB,oHi3(CHy)2S (or NaB,oHyo"H-(CHs),S), 


were obtained by reacting sodium cyanide or sodium hydride with decaborane 


1 excess sulphide, e.g. 
NaCN (CH3).S B, oH, — He NaB, 9H,,CN-(CHs),S 


he sulphide groups were retained on conversion of these derivatives to the cor- 
‘sponding tetramethylammonium or triethylammonium salts in aqueous solution, 


Ul 


wing that the methyl sulphide is part of the anion. An example of the type in 


Paper 1, V. D. AFTANDILIAN, H. C. MILLerR, E. L. MuetTTerTiEs, J. Amer. Chem. Soc. 83, (1961). 
R. SCHAEFFER, J. Amer. Chem. Soc. 79, 1006 (1957). 
M. F. HAWTHORNE anc . R. PrvocuHe ui, J. Amer. Chem. Soc. 80, 6685 (1958). 
M. F. HAWTHORNE and A. PITOCHELLI, J. Amer. Chem. Soc. 81, 5519 (1959). 
. 2961444 (1960) 
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h ligands are ions is B,ygH,3;CN?~ (i.e. [B,gHj,°H-CN]*-), prepared by reaction 
yanide ion with decaborane in water at room temperature: 
2NaCN + ByoHjy ——> Na.B, 9H ,3CN + HCN 
An unusual reaction involving NaB,)H,3:(CHg).S is that with benzoyl chloride 
which gives a 20 per cent yield of B,gH,°2(CHg).S. This reaction can be rationalized 
as a disproportionation of B,gH,."H:(CH3).S~ since interconversion reactions in the 
B,oH,.°2 base series are known 
B, oHyo"(CHs)oS. A novel 1:1 By,gH,:-base complex, B,gHj.°(CH3).8, has been 
prepared by careful pyrolysis (110°) of B, 9H s°2(CHs3).S in mesitylene. B,gHj°(CHs3).S 
is a white, crystalline air-stable solid that sublimes slowly at 80-100" under vacuum. 
Although it does not react with methyl sulphide or acetonitrile at room temperature, 


with triphenylphosphine to give the known B,9H,9'2¢3P“ when warmed 

y, and with methyl sulphide at 80-90" to regenerate B,9Hj.°2(CH3).S. The 

ture of B,,)H,.°(CHs).S is therefore probably not drastically different from that 

of B, H,.°2(CH;).S. With the assumption that the structure determined by REDDY 
pSCOMB" for B, »H,.°2CH3CN is correct for B, 9H .°2base compounds in general, 

the sulphur atom in B, gH,.°(CH3).S probably bridges either the 6 and 9 or the 7 and 8 
boron atoms” of the B,, cage oris terminally attached to the 6 boron atoms. One might 


favour a bridging structure because the thermal activation required for the reaction 
of B, oH,.°(CH;).S with methyl sulphide or triphenylphosphine is indicative of a 
‘nt reaction required in the breaking of a bridge bond rather than of a 
simple acid—base reaction expected in a terminal S-B(6) structure. However, spec- 
tral data (below) suggest this adduct is isostructural with B,,)H,3~. B,gHj2"(CH3).S 
acts with sodium cyanide to give NaB,ygH,,CN-(CHs).S. This again demonstrates 
the similarity of charged bases (CN~) to neutral bases (R,S or R;P) in this chemistry 
and supports the hypothesis that the charged and neutral B,yH,.°2base species are 
structurally similar. 
rhe interrelationships of the base complexes of B,gH,. are summarized: 


> NaB,yH;3"(CHs).S 


ACOCL 


. Y 
B,oH,, + (CHs)oS ——> B,9Hyo°2(CHs).S 
a / 


NaCN 


H S 


CN I 


NaB, pH,sCN-(CH,)oS <—- B,pHyo"(CH)oS —2—> B, oH o°25P 


> (CH,), NB, oH ,oCN-(CHs).S 
lies 
Boron (4B) magnetic resonance studies support the hypothesis that B,y)H,.°2base 
compounds are isostructural regardless of whether the base units are neutral or 
[his concept is in agreement with Reppy and Lipscoms’s observation that 
»°2CH,CN is a substitution derivative of B,)H,,”~ and not of B,ygH,,. The™B 
M y and W. N. Lipscoms, J. Amer. Chem. Soc. 81, 754 (1959). 


M y and W. N. Lipscoms, J. Chem. Phys. 31, 610 (1959). 
xplanat numbering system, see I. SHaprRo, M. Lustic, and R. E. WILLIAMS, J. Amer. 
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Boron magnetic resonance spectrum of NaB,oH;,CN-(CH3).S, NaB, oH,3°(CHs3).S 
and Na,.B,),H,3CN in H,O in displacement (in p.p.m.) from methy! borate. 


NaB,)H,oCN.(CH3).S 
NaB,.H,3"(CHs).S 
Na.B,,H,,CN 














Fic. 2.—Boron magnetic resonance spectrum of B,)H;.°2(CHs).S in acetonitrile in displace- 

ment (in p.p.m.) from methyl borate. A 19-3, B= 33-8, « 51-9, d = 68-0. 
resonance patterns of B,yHyCN-(CH3).S~, B, 9H 3(CHs3).S~ and B, gH ;3CN*~ in 
water are identical and a typical spectrum is shown in Fig. 1. The pattern may result 
from a shift of the high field doublet of the decaborane spectrum"? to the lower field 
side of the triplet with coincidence of two of the bands. The boron magnetic resonance 
spectrum of B, 9H,.°2(CHs).S in acetonitrile (Fig. 2) is very similar to that shown in 
Fig. 1, although it is difficult to determine whether the area relationships of the peaks 
are the same in the two patterns. 

The ultra-violet spectral data of the B,)H,.°2base compounds do not present as 
clear a picture. As shown in Table 2, the spectra fall into two main classes, one with a 
single peak at 243-249 mw and the other with a single peak at 275-280 my with two 
exceptions. The spectra determined in acetonitrile solution did not follow a Beer’s 
Law relationship and therefore no extinction coefficients are reported for them. The 
stoicheiometry of this interaction with acetonitrile was not studied. 

The “B magnetic resonance spectrum of B,gHy.°(CHs).S and of (CH 3),;NB, H,3 
(prepared according to the method of Hawthorne‘) in acetonitrile (Fig. 3) are 
identical, which suggests that these compounds are also isostructural. Their ultra- 


> 


violet spectral data are shown in Table 3. 
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TABLE 2.—ULTRA-VIOLET MAXIMA OF B,,H,.°2BASE COMPOUNDS 


Maxima 


in CH,CN in CH.Cl, in H,O (k) 


(CH,).S 243 
2(CH,CH.CH.).S 248 
1,2CN-(CHs3).S 

1,2CN 

2HCON(CH.) 

ICH.CON(CH.) 

2S(CH.CH,).S 

2(CH;),S 

(CH,).S 


248 (8750) 
248 (9000) 


269 (2560) 


CH;),NB,,H,;O is reported to have an ultra-violet maxima at 249 my® and may also 
be a B,oH,."2base species (B,,>H,.°H-H.O-). 


TABLE 3.—ULTRA-VIOLET MAXIMA OF B, 9H,2°(CH3)2S AND B,,H,; 


Solvent 


2980 CH,CN 
1770 

(CH,),NB,,H,.°H]" 2500 CH,CN 
1730 


recovered unchanged from their acetonitrile solutions. 














resonance spectrum of (CH3),NB,)H,3 and B, )H,.°(CH3).S in 
© in displacement (in p.p.m.) from methyl borate. 


c d 


(CH ),;NB,.Hj3 ) ‘ 48 60-0 
Bi oH, o(CHs).S 3 72 90:1 





J. BURNS, T. J. KLINGEN, L. A. MARTINCHECK, R. W. Rozetrt, Abstracts of Papers, 
. Chem. Soc., Boston, Mass., p. 44m. 


A. R. PITOCHELLI, R. DONALD STRAHM and J. J. MILLER, J. Amer. Chem. 'Soc. 
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EXPERIMENTAL 


Reagents and analytical procedures. See Paper I of this series.“ By oHy2"(CHg)2S. B,oH42"2(CH3).S 
(35 g, 14-3 mmole) was heated to 110° in 50 ml of mesitylene under nitrogen and the liberated methy] 
sulphide was removed as it formed. After 3} hours, 4:5 g of methyl sulphide had been collected and 
solids were starting to precipitate in the reaction flask. The mixture was cooled (if the reaction is 
continued past this point the yield is lowered considerably) and filtered. The filtrate was concentrated 
under vacuum until a viscous gum remained. The gum was triturated under petroleum ether until it 
solidified and then recrystallized from methylcyclohexane, m.p. 88-91°, 17 g—65 per cent yield. The 
material thus obtained was pale yellow but in purer form (sublimed or recrystallized several times) 
this compound is white (m.p. 93-94"). (Found: C, 12:7; H, 9-9; B, 59-6; mol. wt. 199. Calc. for 
B,ofH12°(CH,),58: C, 13:2; H, 10:0; B, 59-5%. mol. wt. 182). 

At 90-100° under high vacuum, 2°13 g (76 per cent) of a 2°78 g sample of B,)H,2.‘(CHs).S sublimed 
in 60 hr. The remainder decomposed to yellow solids. B,)>H,2"(CHs).S is stable in air and is more 
soluble in organic solvents such as benzene and ethyl acetate than is B,y>H4.°2(CHs),S. 

A solution of 0-18 g B,)»Hj2°(CHs).S in 10 ml of toluene and a solution of 0-52 g of triphenyl- 
phosphine in 10 ml of toluene were mixed. No apparent reaction occurred until the solution was 
heated to about 60°, whereupon white crystals separated. These crystals were identified as B,)H,.° 
2(C,H;)3P-C,H;CH;* by the infra-red spectrum and by phosphorus analysis (Calcd. 8-7; Found: 
SY) 

Three grammes of methyl sulphide and 0-7 g B,,H,2"(CHs).S were sealed in a glass tube and heated 
to ~70° for 10 hr. The solution was filtered and 


was identical with that of B,)H,.°2(CH3;).S. When a solution of 0°35 g of B,»H,2"(CHs).S in methyl 


evaporated. The infra-red spectrum of the residue 


sulphide was stirred at room temperature for 3 days and evaporated, recrystallization of the residue 
gave a 50% recovery of B,»H,2°(CHs;).S plus a trace amount of an unidentified higher-melting com- 
pound. No B, H,s°2(CHs).S was isolated. B,)H,.°(CHs3).S does not react with acetonitrile at room 
temperature 

NaB,oH,2.CN-(CHs).S. (a) From decaborane. Decaborane (2:5 g, 20-5 mmole), anhydrous 
sodium cyanide (0-69 g, 14:1 mmole) and methyl sulphide (35 ml) were stirred at autogenous pressure 
in a vacuum train for 5 days. Approximately one equivalent of hydrogen was evolved. The reaction 
mixture was filtered under nitrogen and the residue was extracted with benzene in a Soxhlet extractor 
for two days. The insoluble material was NaB,jH,,CN-(CHs),.S (2-9 g, 12‘5 mmole, 89 per cent 
yield), a white hygroscopic powder. (Found: B, 46:3; C, 15-0; H, 7:7; N, 5-4; Na, 9-8; S, 11-4. 
Calcd. for NaB,,H,,CN-(CHs;).S: B, 46:7; C, 15-6; H, 7:9; N, 6-1; Na, 9-9; S, 13-38%. This 
material dissolves in ethyl acetate, tetrahydrofuran and certain other organic solvents to give a 
transient blue colour in the presence of air or oxygen. If deoxygenated solvents and an inert atmos- 
phere are used, no colour forms. No electron paramagnetic resonance signal could be detected in 
these coloured solutions (b) From B,oH,2°(CHs).S.(@2 g, 1-1 mmole) and sodium cyanide (0-049 g, 
1-0 mmole) were stirred in 30 ml of methyl sulphide for 16 hr. Filtration gave NaB,y»H,,CN-(CHs).,S, 
identified by infra-red analysis 

Cs, (CH;)4N and (C,H;)3;NH salts of BjgH,,CN-(CH3;).S~. Metathetical reactions of NaB,y»H,,CN: 
(CH;).S in water at room temperature with cesium fluoride, triethylamine and tetramethylammonium 
chloride gave the corresponding insoluble B,y»H,;2,CN-(CH;).S~ salts. 

(Found: B, 32:1; C, 10-9; , 5:3; S, 9-3. Caled. for CsB,,>H,;,CN-(CH3).S: B, 31:8; C, 10-6; 
mM, +a &, 767) 

(Found: B, 34-8; C, 35-1; H, 10-9; N, 9-0; S, 10-3. Caled. for (C,.H;);NHB,,H,,CN-(CHs),S: 

34:8: C, 34-8; H, 10-9; N, 9-2; S, 10-3 %) 

(Found: B, 39-0; C, 29-3; H, 10-7; S, 11-2. Calcd. for (CH),NB,,H,,CN-(CH3).S: B, 38-4; 
C, 29-8; H, 10°6; S, 11:4%) 

NaB,oH,.CN-(CH,),S. Decaborane (1:0 g, 8:2 mmole), sodium cyanide (0-4 g, 8-2 mmole) and 


fay 


tetramethylene sulphide (20 ml) were stirred at autogenous pressure in a vacuum train for 6 days. A 


volume equivalent to 7-5 mmole of hydrogen (91-5 per cent) was evolved. The mixture was filtered 
under nitrogen and the residue was extracted with benzene in a Soxhlet extractor overnight. The 
insoluble fraction was NaB,oH,2.CN-(CH,),4S, a hydroscopic white powder, 1-6 g (76 per cent yield), in 


1 


* The triphenylphosphine adduct tends to be solvated by aromatic hydrocarbons. 
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(Found: B, 41-0; C, 21:2; N, 7-6; Na, 11-3; S, 11-3. Caled. for NaB,,H,. 
23-4; H, 7:8; Na, 8-9; S, 12-4%). 


3 


d gave the same blue colour in oxygenated solvents described for NaB,y»H,,CN-(CHs).S. 


CN. Decaborane (0-12 g, 0-1 mmole) was added to a solution of sodium cyanide (0-15 g, 


in 75 ml of water. The decaborane dissolved rapidly and no significant amount of 


‘a period of several days. The addition of cesium chloride to the solution 
5° led to the formation of crystalline Cs.B,y9H,;CN which was recrystal- 
C, 3:5; N, 3-5. Calcd. for Cs.B,,H,;CN: 


was evolved ove! 
ig to about 
(Found: Cs, - B, 260; H, 3:3; 
a: awe 4, . MN, SSA) 

(CH;).S. Decaborane (4 g, 328 mmole), sodium hydride (0-6 g, 25 mmole) and methyl 
25 ml) were reacted in a vacuum train at 0° and autogenous pressure. A 90 per cent yield of 
(based on the sodium hydride) formed in the first 3 hr. After standing two more days, the 
uct was transferred to a Soxhlet extractor and extracted with benzene for 6 hr. The insoluble 
vas NaB,)H,3"(CHs3).S, 2°89 g (55 per cent yield). (Found: B, 51-1; C, 10:5 10-7; H, 9-0,, 
12-2; S, 14:2. Caled. for NaB,,H,,°(CH,),S: B, 52°5; C, 11-7; H, 9°3; Na, 11-2; S, 
CsB,,H,3"(CH;).S. A metathetical reaction of NaB,)H,3;-(CH;).S with cesium fluoride in water 
gave the corresponding cesium salt. (Found: B, 33-6; C, 7:7; H, 6°5, 6:2; S, 9-9. Caled. for 

CsB,.H,,'(CH,),5: B, 34:2; C, 7-6; H, 60; S, 10-17%). 
Reaction of NaB,oH,3'(CHs).S with benzoyl chloride. In the first attempt at this reaction, NaB,)H;3° 
(CHs).S was added to benzoyl chloride at room temperature under nitrogen. An exothermic reaction 
occurred f ng in sudden decomposition of the reaction mixture. A run made at 0° was more 


successiul. 


NaB, .H 
de kept under nitrogen and cooled in an ice-bath. The mixture was allowed to come to room 


e and was stirred 15 min. Filtration gave a 78 per cent yield of sodium chloride. Addition 
her to the filtrate gave 1-15 g of tan solid from which a 19-5 per cent yield of B,)H,2° 
was obtained by recrystallization from benzene/methylcyclohexane. The 


(CHs).S (3-09 g, 14-4 mmole) was added over a 30 min period to 30 ml of benzoyl 


rat 


.p. 123-125 


y of the B,,»H."2(CH3).S was confirmed by infra-red analysis. 
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SOME REACTIONS OF TRIPHENYLARSINEMETHYLENE 


D. SEYFERTH and H. M. COHEN 


Department of Chemistry, Massachusetts Institute of Technology 


(Received 4 January 1961) 


IN a previous paper”) it was reported that triphenylphosphinemethylene reacts with 
bromides of mercury, silicon, germanium and tin to displace bromide ion and form 
metal-substituted phosphonium salts; in another paper the reaction of triphenyl- 
phosphinemethylene with boron compounds was reported to give adducts of the type 


(C,H;),PCH,BX, (X=H, F, Cl, C,H;)."? We report here similar reactions of tri- 
phenylarsinemethylene. 

The three reactions described in this note establish the close similarity of triphenyl- 
phosphinemethylene and triphenylarsinemethylene. Both compounds are hydrolysed 
extremely readily to the corresponding methyltriphenyl quaternary hydroxides; both 
displace bromide ion in trimethylbromosilane to form the trimethylsilylmethyltri- 
phenyl quaternary bromide; both form | : | adducts with boron trifluoride. 


(CH,(C,H.),MJOH 


(C,H;);M—CH, es [(CgH5)sMCH,Si(CH,)3] Br 


(M=P or As) 
(C,H;),MCH.BF, 


EXPERIMENTAL* 


Trimethylsilylmethyltriphenylarsonium Bromide.*+ In a 500 ml three-necked flask, equipped with 
a mechanical stirrer, reflux condenser topped with a nitrogen inlet tube, and an addition funnel, that 
had been carefully dried and flushed with nitrogen, was placed 16:8 g (0-043 mole) of methyltriphenyl- 
larsonium bromide and 200 ml of diethyl ether. To the addition funnel was added 0-04 mole of phenyl 
tithium in ether. This solution was added slowly to the stirred arsonium salt suspension at room 
temperature. The reaction mixture then was stirred for 3 hr. An orange-red solution resulted. The 
triphenylarsinemethylene solution was filtered under nitrogen into another reaction flask equipped as 
described above. To the filtered solution then was added 9-5 g (0-062 mole) of trimethylbromosilane. 
rhe arsinemethylene colour was discharged immediately, and a precipitate formed. The latter was 
filtered under nitrogen, washed several times with ether and dried in vacuum. The crude product 
melted over a range (133-140°) and was recrystallized, with severe losses, from 0-3 N ammonium 
bromide solution by slow concentration of this solution using a rotary evaporator. The recrystallized 


material softened between 160—165° and melted at 177-180°. (Found: C, 55-50; H, 5:34. Calcd. 


* Analyses were performed by the Schwarzkopf Microanalytical Laboratory, Woodside, N.Y. Melting 
points were determined using a Mel-Temp block. All operations were carried out under an atmosphere of 
prepurified nitrogen. 

t Initial experiments were carried out by GrRiM'?. 

!) [D. SEYFERTH and S. O. Grim, J. Amer. Chem. Soc. 83, 1610 (1961). 

*) D. SEYFERTH and S. O. Grim, J. Amer. Chem. Soc. 83, 1613 (1961). 

») §. O. Grim and D. SeyFertuH, Chem. and Ind. Rev. 849 (1959). 

*) M. C. Henry and G. WittiG, Abstracts of Papers, 135th Amer. Chem. Soc. Meeting, Boston, April 1959, 

p. 67-O; J. Amer. Chem. Soc. 82, 563 (1960). 
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infra-red spectrum (KBr disk) of the product showed 


and 1250 cm 
ysely resembled those of its phosphorus analogue.’ A 
m cation formed in this reaction could be obtained 


jueous picric acid solution to an aqueous solution of 
, 53°96; 


ivative melted at 113-115 


sH..N;0-AsSi: C, 


0-04 mole of triphenylarsinemethylene 
ered. To this solution was added 0-04 


ormed immediately, and the colour of the 
10 min and filtered under nitrogen. The 
, by dissolving it in acetone and reprecipitating 
triphenylarsinemethylenetrifluoroborane, 
ration from methanol. (Found: C, 59-14; 
H, 4-42; F, 14-69%). 


\ small amount of ethereal triphenylarsinemethylene was 
d. A concentrated aqueous picric acid solution was added 
itate was collected and washed thoroughly with water. The 

it 142-144". The melting point of a mixture 
triphenylarsonium bromide was not depressed. 


sH29O;NsAs: C, 54-68; H, 3°67; N, 7:65 %). 


part by the Office of Ordnance Research, U.S 


69. 803 (1947 
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REACTIONS OF FERROPENTACYANAMINES* 


D. J. KENNEY, T. P. FLYNN, J. B. GALLINI 


Department of Chemistry, University of Detroit 
(Received 27 October 1960: in revised form 20 December 1960) 


Abstract—A series of compounds of the general type, NasFe(CN);NR3;, were prepared and their 
reactions under an atmosphere of N., O., and CO were studied. These studies were performed in 
a special gas absorption apparatus at constant temperature and pressure. 

Two methods were used for the preparation of the sodium ferropentacyanamine compounds 
lhe first consists of an oxidation—reduction reaction between ammonia or the organic amine and 
sodium nitroprusside. The second method consists in using the ferropentacyanamine ion as the 
starting material and replacing the ammonia molecule with the desired amine. 

bsorption measurements and their accompanying colour changes indicate that the ferrocarbonyl- 
pentacyanide ion is formed upon absorption of CO, while an irreversible oxidation takes place upon 


absorption of O, gas. 


THE nature of the reaction between compounds of the ferropentacyanamine type and 
carbon monoxide was first investigated by MANCHOT and co-workers.) They pre- 


pared the ammonia, methyl amine, ethylenediamine and pyridine pentacyanoferrate 


(Il) compounds. It was found that these compounds, when placed in an atmosphere of 
carbon monoxide, would absorb CO to displace the amine and produce the carbonyl 


compound. 
Na,Fe(CN);NR, —- CO — Na,Fe(CN);CO NR, (1) 


Their results indicated an absorption of one equivalent of CO per equivalent of iron 
complex. 

The complexes were also found to absorb oxygen. Although BAupISCcH thought 
that this was due to the formation of an oxygenated complex, Na,Fe(CN);O,, he 
later concluded that oxygen absorption was accompanied by an irreversible oxidation 
to the iron (III) state. 

The present paper deals with the preparation of a different series of pentacyan- 
amines and their reactions under an atmosphere of N,, O, and CO gases. 


PREPARATION OF FERROPENTACYANAMINES 


Iwo methods were used for the preparation of the sodium ferropentacyanamine compounds. 
The first consists of an oxidation-reduction reaction between ammonia or the organic amine and 
sodium nitroprusside. The second method consists in using the ferropentacyanamine ion as the 
starting material and replacing the ammonia molecule with the desired amine. 

When employing sodium nitroprusside, one molecule of the amine reduces the nitroso group, 


and a second molecule of the amine co-ordinates the ferrous ion. 
Na.Fe(CN);NO:2H,O 2NH, NaOH — Na,Fe(CN);NH, N, 4H,O (2) 


* Presented at the Michigan-Toledo-South Bend Meeting in Miniature of the American Chemical Society 
in Detroit, February, 1960. 
1) W. Mancuort, E. Merry and P. Worincer, Ber. Dtsch. Chem. Ges. 45, 2869-79 (1912). 
O. BaupiscH, Ber. Dtsch. Chem. Ges. 54, 413 (1921). 
8) O. BAupIscH and D. Davipson, J. Biol. Chem. 71, 501 (1926). 
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pply the necessary sodium ions and also prevent the 


ibsence of an excess of sodium ions, the disodium 


1ay be used as the starting material by employing 


Na,Fe(CN);NR NH, 


tly basic to replace ammonia. 
ng ammonia, ethyl amine, propyl amine, butyl amine, 


1ine, diethyl amine, triethyl amine, tertrary butyl amine, 


ive attempts were successful. Preparation attempts of 


re products 
for total iron with dichromate after digestion with concentrated 


1 
} 
lAlli 


method, and carbon was determined in a Leco 
ye the most satisfactory of a variety of preparations for 
ised were reagent grade, Eastman Kodak, white-label 


the dark, because of the well known effect of light on 


russide was powdered and added to 120 ml of concentrated 


us sodium acetate. After holding the mixture below 10°C 

rmed were filtered off by suction. Another crop of crystals 

rate upon the addition of ethanol. However, the product so 

large amount of the disodium salt, Na. NH,Fe(CN);NHs, 

the filtrate was discarded. (This limits the final 

rystals was dissolved in a minimum amount of cold water and reprecip- 
nt of cold ethanol (95 per cent). After filtration the crystals were washed 
dried over calcium chloride. The product is difficult to dry, and 

1g th mpound to constant weight. This constant weight corresponds 


e(CN);NH 


Fe(CN).NH,°3H.O were dissolved in 25 ml of water containing 2-5 g of 


tate. To this solution was added 0-5 mole of ethyl amine. The ammonia 
tes but then redissolves upon standing to produce a clear solution. Evidence 
roceeded is shown by the fact that the final product is soluble in the reaction 
monia complex is insoluble in aqueous ammonia or organic amine solutions. 
the solution was cooled in an ice bath and 500 ml of cold ethanol (95 

oil separated and was decanted and treated with more cold ethanol. After 
and the alcohol was decanted. The crude mass was dissolved in a 

and the ethanol treatment was repeated. The solidified oil was dried 

>, ground in a mortar, and dried for three more days. The larger 


whereas the small crystals are yellow. 


rate (11) 


russide was dissolved in 25 ml of water and 50 ml of methanol 


f 


of anhydrous sodium acetate, and 0-17 mole of propyl amine 


-mperature was held at 55°C until the nitroprusside spot test was nega- 


m sulphide with the solution on a spot plate produces a blue colour 
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[he solution was then cooled in an ice-bath, and 50 ml of cold methanol followed by 250 ml of 
ice-cold ethanol was added. An oil separated, and the ethanol treatment was used in much the same 
fashion as in the preparation of the ethylamine complex. Butyl amine or benzyl amine may be sub- 
stituted successfully for propyl amine in this procedure, and the products are purified in the same 
manner. 

Table 1 gives the results of analysis for the complex salts. Sodium ferrocyanide was analysed to 
show the relative accuracy of the methods, since this salt is pure enough to use in standardizing 
oxidizing reagents. It is expected that each mole of complex would absorb a mole of carbon mon- 
oxide. This is found to be true in basic solutions, but the reaction is not complete in water and 
acids, as can be seen from Table 1. 


TABLE | ANALYSIS OF PENTAMINES 


Na,Fe(CN),-10H,O 


otal Fe Ferrous Fe Nitrogen Carbon Complexed by CO 


54 
58 


18-40 


18-20 


Na,Fe(CN),NH.CH.CH,-H 


Calc ‘7 26:78 30-60 


Found 65 30-26 
Na ;Fe(CN); NH,CH,CH.CH.CH, 


Calc. 7 3 7 26-61 


Found 26°74 
(CN);NH.C 


Calc. 


Found 





Apparatus 

Gas absorption measurements were made in a special apparatus. Sizeable quantities of reaction 
products were often required, and it was desirable to follow the course of the reaction over a period 
of days. Up to 300 ml of gas-absorbing solution could be stirred continuously, while a titration was 
performed with an acid, base or redox reagent under a specified atmosphere. Solid samples were 
added under the specified atmosphere, and provision was made for removing trace amounts of 
undesirable gas from the system. 

Solutions of the iron complexes which absorbed the gas were on the order of 0-01 molar, and the 
reactions were run in dim light at about 25°C and atmospheric pressure. By keeping the pressure 
and temperature constant during any particular run, volume changes of 1 part in 3000 could be 


measured. 
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PROPERTIES OF THE FERROPENTACYANAMINES 

yanamine salts are generally yellow as solids or in solution. Various 

or blue are associated with decomposition and the formation of 

An analogy may be found in the properties of ferrocyanide solutions 
decrease with increasing acidity and exposure to light.“ It is also 
itions of ferrocyanide become yellow in the presence of light, but the 
ippears when the light is removed .©® Then too, the absorption spectrum of 
ted ferrocyanide solution indicates the presence of the ferroaquopenta- 


n 
10n. 


> following equilibrium will help to explain the behaviour of ferrocyanide 
light ' = . we 
Fe(CN),!- + H,O === Fe(CN);H,O*- + CN (4) 


TK (yellow) 


Although the ferrocyanide ion is usually considered to be yellow in solution, it can be 
bleached quite effectively by the addition of extra cyanide ions; this is predicted by 
the equilibrium. Then, too it appears that the yellow ferroaquopentacyanide is more 
easily oxidized than ferrocyanide. Hence, the formation of ferricyanide or prussian 
blue is accelerated by light or hydrogen ions which shift the equilibrium to the right by 
forming unionized HCN. 

that such good co-ordinators (ligands with large crystal field strength) 
such as CN~ and NH, could not be displaced to any great extent by a weak co- 
ordinator such as H,O. And certainly, in basic solution this holds true. However, 
acids favor the aquo complex due to formation of HCN and NH, 

Solutions of pure sodium ferropentacyanamine are basic because of hydrolysis, 
and titration of these solutions with acid under a N, atmosphere shows no definite end 
point. The pH of the solution actually depends on the time interval since the last drop 
of acid was added. However, under a carbon monoxide atmosphere which presumably 
liberates free ammonia in the solution (see Reaction 1) the end-point is quite sharp and 
characteristic of the titration of a weak base with a strong acid. Apparently then, the 
replacement of co-ordinated NH, by H,O is slow, even in acid solution. Advantage i is 
taken of this, as mentioned later, in the absorption of CO by acidic solutions of 


Abs rption of carbon monoxide by a solution of ferropentacyanamine is accom- 
bleaching. Fig. 1 shows that the yellow solution of Fe(CN);NH,°~ begins 

heavily at 450 my, while the colourless solution of Fe(CN);CO* 
relati vely transparent. If oxidation has been successfully retarded, the colour 
is from yellow to colourless. However, if partial decomposition of the penta- 
cyanamine takes place during the absorption of CO, the colour change is from yellow 


to green to a pale blue. This suspension of prussian blue remains in acid or neutral 
solution but is converted to a rust coloured precipitate of Fe(OH), in a basic solution. 

Once the carbonyl complex is formed it is remarkably stable and relatively resistant 
to acid, base, sunlight, ceric ion, and oxygen. The presence of the ferrocarbonyl- 
pentacyanide ion in solution may be detected by the addition of a few drops of ferric 
chloride reagent. A dark purple cloud of “prussian purple’ forms analogous to 


N, Industr. Engng. Chem., Analyt. Ed. 3, 381 (1931). 
tsch. Chem. Ges. 55, 2698 (1922). 


II, = 


6 (1929). 
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prussian blue, where presumably, every sixth cyanide in the crystal lattice is replaced 
by acarbon monoxide molecule. Solutions of the carbonyl complex will give a positive 
“prussian purple” test, even after months of standing in air. Then too, although 
solutions of ferrocyanide, ferropentacyanamine and/or ferroaquopentacyanide may be 
titrated to a sharp potentiometric end point with acidic ceric sulfate, this is not the case 
with ferrocarbonylpentacyanide. The addition of the first few drops of ceric reagent to 


a solution of the carbonyl complex raises the potential to the oxidation level of the 


Fic. 1.—Molar absorbancy index. (a) Fe(CN);CO*- (b) Fe(CN);NH, 


Ye**/Ce** half-cell alone. This indicates that the ferrous ion in solution is not available 
for oxidation. 

Plotting the volume of gas absorbed as a function of time give absorption curves 
which are practically superimposable for all compounds prepared in the pure state 
(the ammonia, ethyl, propyl, butyl and benzyl amine derivatives). After approxi- 
mately 6 hr of standing in contact with carbon monoxide a 0-1 N sodium hydroxide 
solution (which is 0-01 molar with respect to the iron complex) will absorb one mole of 
CO for every mole of complex present. The solution turns from yellow to colourless, 
and no further absorption takes place, even after 50 hr. The absorption curves in water 
and 0-1 N acetic acid similarly level off after 8 and 10 hr respectively. However, the 
final absorption of CO becomes progressively less complete with increasing acidity, 
(See Table 1) and the solutions turn from yellow to green to blue. 


Absorption of oxygen by a 0-1 N NaOH solution of the complex was slow, 


reaching only 0-1 moles of O, per mole of iron complex after 30 hr and producing a 
rust coloured precipitate. In 0-1 N acetic acid, the absorption of oxygen was more 
rapid and seemed to level off after 5 hr at approximately 0-25 mole of oxygen per mole 
of iron complex. At this point, the solution had turned to a deep blue. 

Upon exposing aqueous solutions of ferropentacyanamines to an atmosphere of 
nitrogen, no absorption was observed. However, a green colour was obtained upon 
standing in the light for a period of time in acid solution. A cloudiness was noted in 





D. J. KENNEY, T. P. FLYNN, J. B. GALLINI 


basic solution, indicating colloidal ferric hydroxide. Apparently, trace amounts of 


oxygen or ferric ion cannot be completely removed from a glass—water system. 


SUMMARY 

pon exposing aqueous solutions of ferropentacyanamine complexes to an atmos- 
f nitrogen, no absorption was observed. Under an atmosphere of carbon mon- 
> an absorption of one mole of carbon monoxide per mole of pentacyanamine 
present was observed in basic solution, while an absorption of about 0-9 mole per mole 
was observed in acid solution. The absorption in basic solution was more complete 
than that in either neutral or acid solution. Under an atmosphere of oxygen a total 
absorption of approximately 0:25 mole per mole was observed in acid solution. The 

absorption of oxygen in basic solution was quite slow. 
rhe reaction of CO with ferropentacyanamine ion is clear. The one to one molar 
relationships of CO and the pentacyanamines indicates a simple replacement reaction 
releasing ammonia. This is further supported experimentally by the rise in pH 

accompanying the absorption of the gas. 

The reaction with oxygen seems to be one of oxidation, as described by BAUDISCH 
and DAvIDSON®’, rather than one of oxygenation. This is supported by the fact that a 
stoichiometric, one to four ratio of oxygen molecules to ferrous iron was obtained as 


the final absorption in each of the absorption tests. 
O, ++ 4Fe? 4H* — 4Fe’ 2H,O (5) 


The effect of pH on the absorption clearly shows that the oxidation is aided by the 
presence of acid and retarded by a basic solution as predicted by equation (5). 

The tests with nitrogen indicate that no reaction between the nitrogen and the 
pentacyanamine occurs since no absorption occurs. The green color obtained in acid 
solution is due to trace amounts of ferric iron which combine with the ferrous complex 
to give the classical prussian blue. A cloudiness in basic solution in the presence of 
light is due to small amounts of colloidal ferric hydroxide. 

[he acid titration curves under a carbon monoxide atmosphere showed that one 
equivalent of acid was required to neutralize one mole of the pentacyanamine. These 
titration curves were quite smooth and a definite end point was noticeable. In the 
titration under atmospheres of nitrogen and oxygen, the readings drifted quite a bit 
and no end point was detectable. The driftings of the pH readings upon acid titration 
suggest the slow release of ammonia by the complex. This can be explained by the 
replacement of this molecule by the water molecule to give the ferroaquopentacyanide 
ion. However, when the ammonia molecules were completely replaced prior to the 
titration (by carbon monoxide) little drifting was noted and a sharp end point was 
achieved. 

The titration made with ceric sulphate solution showed that approximately one 
equivalent of ferrous iron remained per each equivalent present in the pentacyanamine 
at the start of the run under a nitrogen atmosphere. In the tests with carbon monoxide 
no ferrous iron was available for oxidation at the end of the absorption test. 

As to the inability to oxidize the ferrocarbonylpentacyanide, even with a strong 
oxidizing agent like ceric sulphate, this is best explained on the basis of Effective 


Atomic Number. The rule of E.A.N. is always obeyed in the case of carbonyls.) 


J. S. ANDERSON, Quart. Re 1, 331-58 (1948). 
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Hence, the carbonyl complex of ferric iron is not possible, and the carbonyl complex of 
ferrous iron is unusually stable. * 
The results may be summarized as follows using the ammonia derivative for an 
example: 
(1) Fe(CN),NH,° N, — No reaction 


H 
(2) Fe(CN);NH,°- + H,O =~  Fe(CN);H.,O# NH, 
(yellow) OH (yellow) 


H+ = light 
Y 8 


Fe(OH). ——_—__!--—— 
a : Prussian Blue 
(rust)) oe pe 

S light 


(3) 4Fe(CN),H,O* 2H O, ——» 200 4Fe(CN),H,O2 
(4) Fe(CN).NH,° CO ——-+» Fe(CN).CO# NH, 
(yellow) (colourless) 

Acknowledgements—This research was supported in part by the Detroit Arsenal of the Detroit 
Ordnance District under contract Number DA-20-089-ORD-37201. The authors also wish to express 
their appreciation to Dr. W. WAGNER of the University of Detroit for his assistance in the analysis 
of the cyanide complexes and to Mr. P. Rutt for the design and construction of the gas absorption 
system. 


* A ferrous iron with six co-ordination groups has an E.A.N. of 36, whereas ferric iron would have only 35 
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A PREPARATIVE METHOD FOR ALK YLHALOPHOSPHINES 


H. E. Utmer, L. C. D. GROENWEGHE and L. MAIER* 
Inorganic Chemicals Division, Research Department, 
Monsanto Chemical Co., St. Louis, Missouri 


(Received 9 December 1960) 


Abstract—CH,PCI,, (CH;).PCl and (CH,)(C,H;)PBr were prepared by the reaction of the correspond- 
g thiophosphory! derivatives with tributylphosphine. The method appears to be of general 


applicability and gives 60-70 per cent yields. 
RECENT publications’~® have described the preparation of alkylhalophosphines. 
BurG and SLota,”’? Komkov ef al.) and PARSHALL™? prepared dimethylchlorophos- 
phine. 

rhe method reported in this paper consists of simply removing sulfur from alkyl- 
thiophosphoryl halides by the use of tributylphosphine according to the following 
equation.* 

R,_P(S)X. (C,H,),P — R,,PX 


“+9 
3 


(C,H,)3PS (X = CLBr: 7 


EXPERIMENTAI 


and materials. Nuclear magnetic resonance (n.m.r ) of *'P nucleus was used throughout 
r the qualitative and quantitative analysis of the reaction products. A 16-2 Mc/s r.f. unit 
a magnetic field of about 9395 G. Chemical shifts are reported in p.p.m. relative to 
, as a standard. The accuracy is +1 p.p.m. 

phosphine was used as received from Anderson Chemical Company. It was found to be 
ourity for the purpose of the present investigation. Thionophosphonic and thiono- 
ulides were prepared in this laboratory. CH,P(S)Cl, was prepared by the sulphur 
CH,PCl,-AICI, in the presence of dry KCl as reported by Komkov et al.'*) (CH3)2P(S)CI 

ned by the cleavage of tetramethyldiphosphine disulphide (n.m.r. chemical shift 
n. in CHCI,) with chlorine. The latter compound was prepared according to the method 
et al.'*’ The chlorine cleavage proceeded almost quantitatively. (CH ;)(C.H;)P(S)Br 
by the reaction of CH,P(S)Br, and C,H;MgBr to give ((CH;)(C.H;)PS], (n.m.r. 


44 p.p.m. in CHCI,) and its cleavage with bromine." 


action of tributylphosphine with thionophosphinic or thionophosphonic halides was carried 


a round bottom reaction flask equipped with a thermometer well. A 12 in. Widmer fraction- 


mn with a variable reflux distillation head made it possible to distill off the pure reaction 


1 Monsanto Research, S.A., Ziirich, Switzerland. 
ated that phenyldichlorophosphine had a greater affinity for sulphur than phosphorus 
asoning followed to its extreme would indicate reaction (1) to be feasible. 


rA, Jr., J. Amer. Chem. Soc. 80, 1107 (1958). 
K ARAVANOVY, S. Z. IvIN J. Gen. Chem. U.S.S.R. 28, 2992 (1958). 
G ARSHALL, J. Inorg. Nucl. Chem. 12, 372-373 (1960). 
K. ISSLEI EIDEL, Ber. 92, 2681 (1959) 
M. SANDER r. Dtsch. Chem. Ges. 93, 1220 (1960) 
L. MAIER ? Chem. 71, 574-5 (1959) 
H. KOHLER, Ber. Dtsch. Chem. Ges. 13, 463 (1880). 
I. P. KomxKovy, S. Z. Ivin, K. V. KARAVANOV, J. Gen. Chem. U.S.S.R. 28, 2990 (1958). 
H. REINHARDT, D. BIANCHI and D. MOLLE, Ber. Dtsch. Chem. Ges. 90, 1656 (1957). 
L. MAIER, Angew. Chem. 71, 575 (1959). 
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product as the reaction proceeded. The entire apparatus was flushed with dry nitrogen prior to use 
and during the reaction oxygen and moisture were prevented from entering the system by means of a 
dry nitrogen lock. 

Preparation of CH;PCl,. In a reaction flask 44-4 g (0:28 mole) of CH;P(S)Cl, and 65-3 g (0-32 
mole) of (C,H,)3P (16 per cent excess) were mixed giving a homogeneous, yellowish mixture and a 
slight evolution of heat. When the reaction mixture was heated to 120°C noticeable boiling occurred 
and a 20-4 g (62:5 per cent yield) fraction of clear, colourless product was collected at 79-80°C and 
747 mm Hg. The reaction temperature was gradually raised to 190°C during the course of the 
product removal. The n.m.r. chemical shift of CH;PCl, obtained was 191-0 p.p.m.; literature 
value 191-2 p.p.m.™ 

Preparation of (CH3)2PCl. Two layers were formed upon mixing 184-2 g (1-43 mole) of (CH3).- 
P(S)CI (n.m.r. chemical shift 87-3 p.p.m.) and 343 g (1-70 mole). of (C HH, »)3P (19 per cent excess). 
Reaction was first noticed at 118°C and became rapid at 130°C at which temperature the two layers 
became miscible. The reaction temperature was raised to 170°C during the distillation and 89 
(58 per cent yield) of (CH;).PCI distilled over at 73—74°C and 749 mm Hg. In experiments with a 

5 per cent excess of tributylphosphine a 60 per cent yield of (CH;).PCI was obtained. N.m.r. chemical 
shift 96:0 p.p.m.; literature value 93-0 p.p.m.” 

The dimethylchlorophosphine had the same physical properties as found by BurG and Stora." 
It slowly deposited a white, waxy solid upon standing in the liquid state. However, it could be stored 
in the solid state with numerous meltings and resolidifications for sample removal without noticeable 
decomposition. 

Preparation of (CH;)(C2H;)PBr.'*+’ Two layers were formed when 14-5 g (0-078 mole) of 
(CH;)(C.H;)P(S)Br (n.m.r. chemical shift 85 p.p.m.) and 22:0 g (0-1 mole) of (CyH,)3P came 
into contact. A homogeneous mixture was obtained between 130°C and 140°C where reaction began, 
and 8-5 g (70 per cent yield) of (CH ;)(C.H;)PBr (n.m.r. chemical shift 98-5 p.p.m.) distilled over 
at 128-129°C and 720 mm Hg. The reaction temperature was allowed to reach 220°C during the 
distillation. The colourless liquid fumed strongly in the air. (Found: C, 23-04; H, 5-4; Br, 51-36. 
Caled. C, 23°25; H, 5:2; Br, 51-56%) 


DISCUSSION 


Alkylhalophosphines have been previously prepared by the cleavage of dimethyl- 
amino—dimethylphosphine with hydrogen chloride,“ the aluminothermic reduction 
of alkyltetrachloro— and dialkyltrichlorophosphine—aluminum chloride adducts,‘® 
the reduction of the same type of adducts with phenyldichlorophosphine or tributyl- 
phosphine and the reaction of tetramethyldiphosphine disulphide with phenyl- 
dichlorophosphine, the chlorination of dialkyl phosphonites or alkyl phosphinites 


with phosphorus trichloride, and the catalytic reaction of alkyl halides with red 


(6) 


phosphorus at elevated temperatures. 
In the latter method a mixture of mono- and disubstituted halo-phosphines was 
obtained which was sometimes difficult to separate. This was the case with methyl- 
dichlorophosphine and dimethylchlorophosphine which had close boiling points. This 
mixture could easily be separated by reaction with sulphur to produce thiophosphory] 
compounds which were fractionated and then desulphurized with tributylphosphine. 
The work reported in this paper indicates that the removal of sulphur from 
alkylthiophosphoryl halides by tributylphosphine may be a general method for the 
preparation of alkylhalophosphines. 
It was found that the use of excess tributylphosphine made very little difference in 
the yields obtained. If anything, a large excess of tributylphosphine tended to lower 
* (CH,;)(C.H;)PBr was also prepared by the cleavage of (CH,)(C,H,)P—P(C,H,;)(CH,) with bromine."° 
+ Dimethylbromophosphine has also been prepared by this procedure in this laboratory. However, due 
to its rather unusual physical characteristics a future communication will deal with its preparation and 
properties. 


11) N. Mutter, P. C. LAUTERBUR, J. GOLDENSON, J. Amer. Chem. Soc. 78, 3557 (1956). 
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I 


yield, probably due to solubility effects. Thus, a 2-5 per cent excess of the reagent 


methods were used to increase the yields. For example, yields of (CH;),PCI 
ased to almost 70 per cent by allowing the reaction temperature to reach 
iring the removal of the product. At the higher reaction temperatures 


ne of the tributylphosphine passed over into the product and formed a separate 
hase. However, in general the purity of the products obtained was between 97 and 
) per cent as indicated by n.m.r. measurements. 

Nuclear m 


agnetic resonance measurements show ed that the reaction residue after 


vheric distillation still contained considerable amounts of product. Thus, the 


atmos] 


I 


yield could be increased to almost 80 per cent in some cases by a second distillation of 


the residue under reduced pressure. The above fact strongly suggests that the lower 


yields at atmospheric pressure were due in large part to a solubility effect of the residual 
tributylphosphine sulphide and any excess tributylphosphine. 


nent—This research was supported in part by the Air Research and Development 
he United States Air Force under contract AF 33(616)—6950. 
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AQUEOUS SYSTEMS AT HIGH TEMPERATURE 
THE COMPOUND Cu0-3U0,* 
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Oak Ridge, Tennessee 


(Received 11 October 1960; in revised form 16 December 1960) 


Abstract—A double oxide of uranium and copper was found to exist at 300° in the four-component 
system UO,-CuO-SO,;-H,0. The most probable composition for this new compound was shown to 
be CuO-3UO, It was observed to be thermally stable to somewhat above 830 The method of 


preparation, analysis and some characterization of the compound are given. 


A PORTION of the condensed system UO,—CuO-SO,—H,O at high temperature is under 
investigation at this laboratory. In the study of this system at 300°, a new solid was 
discovered which was in equilibrium with solution phase. Gramme amounts were 
synthesized from which analyses, identification, and characterization of the compound 
were made. The results show the most probable composition to be CuO-3UQ,. This 
solid was not found reported in the literature either as having been synthesized or 
existing in nature. It is questionable whether CuO-3UQ, is stable at room temperature 
in equilibrium mixtures of UO,, CuO, H,SO, and H,O, although some attempts to 
make the solid at 100° were successful.t 


PROCEDURES, RESULTS AND DISCUSSION 

Starting materials were UO,°H,O, obtained from Mallinckrodt Chemical Company 
and analysed for uranium content by direct ignition at 900° to U,O,, reagent grade 
CuO and c.p. H,SO,. Mixtures of these were equilibrated at 300° in H,O solution for 
periods of time ranging from 3 hr to 6 days. A sufficient amount of c.p. HO, (30 wt. 
per cent) was added at 25° to make the solution 2 wt. per cent in H,O,. This decom- 
posed at higher temperatures to provide an over-pressure of oxygen which inhibited 
corrosion of the container and prevented any reduction of divalent copper and hexa- 
valent uranium. 

The apparatus for equilibrating solution-solid mixtures was similar to one reported 
previously” although, in the current equipment, eight pressure vessels constructed 
from an alloy of titanium were placed in a constant temperature furnace. Liquid 


samples at temperature were removed from a pressure vessel by way of titanium 


capillary tubing, passed through a cold trap, and discharged through a reducing valve. 


The time for attainment of equilibrium was established by consecutively sampling the 
solution phase until no change in concentration was found. Usually solid—liquid 
equilibrium was achieved in 3-6 hr. After an experimental run the pressure vessels 
containing the remainder of saturated solution and solid phases were quenched in 


the 


* This paper is based upon work performed at Oak Ridge National Laboratory, which is operated for th 
Atomic Energy Commission by Union Carbide Corporation. Presented before the Division of Inorganic 
Chemistry at the 137th National Meeting of the American Chemical Society, Clevelanc 110, USA, April 
5-14, 1960. U.S. patent applied for compound. 

+ R. E. Moore of our laboratory successfully prepared small amounts at 100° by refluxing an aqueous 


cupric ammoniate solution in contact with solid UO,-H,O. The compound was identified by X-ray diffraction. 
1) W. L. MARSHALL, Analyt. Chem. 27, 1923 (1955). 
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ice-water. During this operation the pressure vessels were inverted so that solids which 
may have adhered to the walls of the vessels were not in contact with liquid, thereby 
reducing the possibility for these particular solids to change composition as the 


temperature was lowered. The solids and remaining liquid phase were removed from 


each vessel. After a few washings with water the solids were dried between sheets of 
filter paper. The X-ray diffraction data obtained before and after washing indicated 


no change in structures. 


0.20 
AA) ‘3 
UN, modi ty 


Fic Liquid phase compositions at 300°C, system UO,-CuO-SO,-H,O; Saturating solid 
phases: CuO-3U0,, 3CuO-SO,°2H,0. 
(Correction added in proof: in Figs. 1 and 2, UO,** and Cu** refer to formal concentrations of uranyl 


and cupric 1ons) 


One result of this investigation was the establishment of solution compositions 
in equilibrium with two solid phases, blue-green 3CuO-SO,:2H,O (mineral name, 
antlerite) and the new dark-red compound, CuO-3UO;. Some representative solu- 
bility curves at 300° are given in Fig. | to indicate a range of solution compositions 
over which these two solids were stable phases. Separation of the respective solids was 
effected by preparing a solution of water and glycerin of suitable density and viscosity, 
slurrying the solids in this solution, centrifuging the slurry and physically removing 
the lighter 3CuO-SO,:2H,O from the top of the settled mixture. After three such 
operations the separation approached 100 per cent. 

[he dark-red solid was analysed for uranium and copper by controlled-potential 
coulometric titration.” These data are given in Table 1. Weight per cent values for 
[CuO — UO,] included in Table | were calculated from the analytical data for uranium 
and copper. Each set of analyses for uranium and copper was performed on a different 
batch of separated solid phase which originated from a different experimental solubility 
run at 300°. These analyses indicated an average value of 2-84 mole of UO, per mole 
of CuO, which was 5-3 per cent lower than a theoretical value of 3-00. The experiment- 
ally found lower molal ratio was attributed both to incomplete removal of 3CuO-SO,;: 
2H,O from CuO-3U0, and to partial occlusion of solution within the separated 


W. D. SHuULTs and P. F. THomMason,. Analyt. Chem. 31, 492 (1959). 
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CuO-3UQ,; solid. There is a slight possibility, nevertheless, that a very small amount 
of another solid was dissolved in the CuO-3UO, lattice. In this event, it is believed 
that the solid should be considered an impurity rather than a solid solution component 
although this is a matter of definition. Any of the above occurrences would yield a 
smaller ratio than 3-0 but still would not allow the sum of CuO and UO, to deviate far 
from 100 per cent. 

Other proposed compounds having compositions close to the analytical data were 
CuO-U;0,5, CuO-U;0,°H,O and CuO-3U0,°H,O. The theoretical weight per cents 
for U, Cu and [CuO + UO,] for these compositions, and also for CuO-3UO, are 


TABLE 1.—COMPOSITIONS BY CHEMICAL ANALYSIS FOR SIX PREPARATIONS OF CuQO-3U0, 





Wt. (%) Molal 
ratio, 
CuO UO, O,/CuO 


92 
90 
83 
76 
‘717 
85 
84 


75-76 99-7 
76°30 100-4 
74:72 98-6 
73-91 98-0 
75:18 99-6 
73-90 97-4 
Average: 74-96 : 98-9 
Calculated for: 
CuO0-3U0, 76°16 100-0 
CuO-3U0,[O] 74-89 98-3 
CuO-U,0,°H.O 76:00 99-8 
CuO0-3U0,°H,O 74:73 98-1 


tN NM NN N Ne 





listed in Table 1. The composition, CuO-U,Oj9, i.e., CuO-3U0, [0], was eliminated 
from consideration due to the presence of peroxy-oxygen. Although H,O, was 
present at 25° in the solution phase and would be expected to produce some UQ,, both 
H,O, and UQ, are known to decompose rapidly at higher temperatures.“ Further- 
more, a qualitative analysis“ of a solution, prepared by dissolving the compound in 
cold HNOs, showed the absence of peroxide. The formation of gas, which might have 
indicated decomposition of a peroxide during the dissolving process, was not observed. 
The structures containing H,O were considered unlikely since the solid was found to 
be thermally stable to above 830°, as discussed below, thus leaving CuO-3UO, as the 
most favoured composition. 

Efforts were made to synthesize gramme amounts of the new compound after the 
above analyses indicated its composition and potential method of synthesis. In order 
to prepare the pure compound, a procedure was used in which approximately 50 g 
total of CuO and UO,-H,O solids of 1-3 molal ratio, CuO:UOs,, were added to a 300 
cm? capacity pressure vessel containing 0-06 molal H,SO, solution. At equilibrium at 
300° the change in over-all composition of the solid phase mixture due to dissolution 
was slight and the new solid which formed was established to be CuO-3UO, by means 
of an X-ray diffraction pattern. As CuO-3U0O, was not identified by X-ray diffraction 


‘3) M. D. SILVERMAN, G. M. WaTSON and H. F. McDurrie, Jndustr. Engng. Chem. 48, 1238 (1956). 
‘) F, P. TREADWALL and W. T. HALL, Analytical Chemistry, Vol. 1, p. 286. J. Wiley, New York (1949). 
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after mixing UO, + CuO in H,O under the same conditions, the velocity of the re- 


to form CuO-3UO, was thought to be aided by the dissolving action of the 
nd subsequent recrystallization of the compound. Since this method for 

» synthesis of gramme amounts of CuO-3UO, was found to be successful, it is being 
i in this laboratory for the preparation of other solids which are in equilibrium with 
solutions and which may be difficult to prepare in quantity by other 


ry 
aiute 


- assured that large amounts of two solids were present under equilib- 
to eliminate the possibility that this new compound was 


rium conditions at 300°, and t« 





yhase compositions at 300°C, system l O,-CuO SO, H,O; 
1 phases: CuO-3U0,, UO,°}H,O, heavy liquid phase 


Fig., for UO,:H,O please read UO,:3H,O) 
I y a solid solution containing macro-amounts of other components, two 
additional tests were made; in one, excess amounts of 3CuO-SO,°2H,O together with 
mixtures of CuO and UO,-H,O of |—3 molal ratio, and, in the other, excess amounts of 
UO,-H.O together with similar 1-3 molal ratio mixtures of CuO and UO,-H,O were 
allowed to saturate dilute H,SO, solutions. In the first case, the two solids, 3CuO-SO,-° 


2H,O and CuO-3UO,, were found in large amounts after equilibrium was attained and 


were separated by the centrifugation method described above. In the second case, the 


two solids, UO,-}H,O and CuO-3UQO,, were found to saturate solutions up to 0:1] 


~ 


molal SO, as shown in Fig. 2 
Observations of CuO-3UQO, crystals under a microscope showed crystalline 
The macrocrystalline dimensions of these crystals 
averaged about 0-02 mm on edge. Measurement of the refractive indices following the 
technique reported by MERWIN? gave low and high values of 2:13 + 0-01 and 2-21 
0-01, respectively, by using a 6500 A Bausch and Lomb filter. The X-ray diffraction 


structures of well-defined habit. 


5) H. E. Merwin, Wash. Acad. of Sci. J. 3, 34-40 (1913). 
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data are given in Table 2. Preliminary evaluation of these data indicated orthorhombic 
symmetry. 

The thermal stability of the compound was investigated by first placing a weighed 
quantity of CuO-3UO, in a platinum crucible, drying at 110° for 16 hr, and reweighing 
the crucible and contents. The dried quantity of CuO-3U0, was held at several 
higher temperatures for varying lengths of time and reweighed after each time. The 


TABLE 2.—POWDER PATTERN X-RAY DIFFRACTION LINES 
FOR CuO-3U0, (CuK, RADIATION) 


Relative peak height 


l 
| 
1-8 
l 
| 
1: 
i. 
- 
1-5 
1-5 
te 
1: 
1-2 
|: 
1: 
r 


results listed in Table 3 showed no appreciable changes in weight until a temperature 
above 830° was reached. The stability at 830° was verified by an X-ray diffraction 
pattern which showed no changes from the initial pattern for CuO-3UO, at room 
temperature or after being dried at 110°. The X-ray diffraction pattern for two samples 
heated above 900° (third and fourth samples, Table 3) showed decomposition to U,O, 
and to an unidentified compound or compounds. Some diffraction lines seemed to 
indicate CuO but a complete set of lines for CuO was not present. Nevertheless, a 
theoretical conversion from CuO-3U0, to CuO ++ U,O, corresponds to a —1+71 per 
cent change in weight which is nearly consistent with the —1-65 and —2-02 per cent 
changes found in the third and fourth runs, Table 3. The decrease in weight of —2-68 
per cent at 950° (first sample, Table 3) may have indicated some decomposition to 
Cu,O UO, (theoretical change 2:56 per cent). The further decrease in weight 
upon heating to 1200” (sample 5, Table 3) may have resulted from the formation of 
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[TABLE 3.—THERMAL STABILITY OF CuO-3U0, 





Noncumulative ’ , Change in 
Sample > Net Wt. of : PR, oe ’ 
a Weight (°%) (From Wt. 


N time (hr) Suaealie 
| —— at 110°C) 


at each temp 


24 1-0092 
17 1-0087 
1-0071 
1-0056 
1-0056 
1-0054 
0-9836 
0-9824 
0-9821 
-2902 
-2857 
-2856 
-2856 
‘2856 
‘2857 
+2857 
0-9632 
0-9570 
0-9473 
-2754 
-2496 
5533 
-5023 
-4966 
-4954 





U,0Or. Cu,O, possibly followed by some volatilization of Cu,O0. The formation 
of UO, (Cu,O + UO, 5-97 per cent) is unlikely on thermodynamic grounds. 
\ thermal stability to 830° for CuO-3UO, was unexpected since most other compounds 
involving hexavalent uranium decompose in the 350-600° temperature range. 

The compound CuO-3UO, was found to be difficulty soluble in dilute HNO, or 


H,SO, at 25° but readily soluble at 100° in these acids. 


{cknowledgements—Coulometric titrations for copper and uranium were performed by H. E. ZITTeL. 
The X-ray diffraction pattern and preliminary evaluation of symmetry were made by R. L. SHERMAN 
and R. D. ELLtison. The refractive index was determined by C. F. WEAVER. 


S. M. LANG, F. P. KNupseNn, C. L. FittmMore, and R. S. Rotu., U.S. National Bureau of Standards 


Circular S568 (1956) 
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HIGHER OXIDATION STATES OF SILVER 
REACTION OF OZONE WITH SIMPLE SILVER SALTS* 
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Coates Chemical Laboratories, Louisiana State University, Baton Rouge 


(Received 7 October 1960; in revised form 7 November 1960) 


Abstract—Aqueous solutions of the silver salts AgNO;, Ag.SO,, AgClO,, AgF and AgC,H,O, have 
been ozonized, the black crystalline products isolated and partially characterized by their composition, 
oxidizing power, magnetic properties and X-ray powder diffraction patterns. Oxidized products of 
the above compounds were found to have the empirical formulas Ag;O,NO;, Ag;O,SO,, Ag,O;, 
AgO and AgO, respectively. The nitrate and the new sulphate were found to be relatively stable in 
air, but they both decomposed to AgO upon being suspended in boiling water. Their X-ray patterns 
were indexed as face-centred cubic, with the sulphate having the slightly larger cell constant. The 
Ag,O; compound was quite unstable, decomposing on standing within minutes. It was indexed with 
a simple cubic lattice and lines were also present due to AgO, which is monoclinic. All samples were 
paramagnetic except the AgO compounds obtained from AgF and AgC,H;O.2, which were dia- 
magnetic. Partial replacement of silver was effected only with Cd?* although Ba**, Mg** and Zn** 
were also tried. Suggestions are made concerning the formulation and structure of some of the higher 


oxides. 


THERE are no reliable reports of simple compounds containing trivalent silver. Other 
than a few poorly characterized “higher oxides” of silver supposed to contain some 
Ag,Os, there are at least four well-substantiated complex ions which contain silver in 
this unusual oxidation state.”) These include [Ag(IO,).]*~ and [Ag(TeO,),]®~ as 
potassium and sodium mixed and acid salts, [AgF,]'~ as potassium or cesium salt, and 
[Ag edbg]** (where edbg = ethylenedibiguanide) as sulphate, nitrate, perchlorate and 
hydroxide. Compounds of divalent silver are more numerous, but aside from AgF, 
and AgO the only well-characterized compounds are complexes, all of which, 
curiously, contain a ligand with a pyridine or pyridine-like nitrogen as at least one of 
the donor atoms. We shall not be concerned in this paper with complexes but will 
consider only those compounds obtainable by oxidation of simple silver salts. Future 
papers will deal with complexes of silver in higher oxidation states. 

Recently there has been some renewed interest in AgO and higher oxides of 
silver,'?-» undoubtedly stimulated partially by the rather confused state of the literature 
in this field, which was last reviewed by BAILAR™ in 1944. Since that time at least 
fifteen papers®) have appeared, each of which has contributed toward clarifying 
the earlier literature concerning AgO, Ag,O, and compounds of intermediate formulas. 

At least part of the confusion in the literature is due to the various methods 

* Presented at the 138th American Chemical Society National Meeting in New York, September 11-16, 
1960. 

1) J. KLEINBERG, W. J. ARGERSINGER, Jr. and E. GriswoLp, Jnorganic Chemistry, pp. 594-95, 600-1. 

D. C. HEATH, Boston (1960). 

*) T. P. Dirkse and B. Wiers, J. Electrochem. Soc. 106, 284 (1959). 
3) W. C. Grarr and H. H. Stapecmaiar, J. Electrochem. Soc. 105, 446 (1958). 
(4) J. C. BatLar, Jr., J. Chem. Educ. 21, 523 (1944). 

References to eight of these may be found in Ref. 3,- 4 more in Ref. 2. Also: R. L. Dutta, J. Indian 

Chem. Soc. 32, 95 (1955); V. ScaTTuRIN, P. L. BELLON and R. ZANNETTI, J. Inorg. Nucl. Chem. 8, 

462 (1958) 
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Ac 


in obtaining higher oxidation state compounds. The nature of the oxidized 


ye somewhat dependent upon (1) oxidizing agent used, (2) which 


rs to b 


salt is employed, and (3) the pH, salt content and temperature of the solution 


In general higher oxides may be obtained by (a) anodic oxidation or 
rhe latter has been effected by K,S,O,, O,, KMnQ,, ClO-, 
gent being the most commonly employed chemical 


1 to the higher oxides of silver which apparently contain only silver and 
re is some literature agreement that the black compound obtained by 
peroxydisulphate™ oxidation of AgNOs in nitric acid solution has the 

ica nula Ag,O,NO,. This curious formula suggests the presence of both 
nt and trivalent silver (since no peroxide linkage is present) in the compound and 


urse the univalent state may also be present. Ozone has also been used to oxidize 


silver nitrate solutions containing nitric acid and while no solid products were isolated, 
Noyes and his students* made many valuable measurements on the oxidized solutions. 
Among other things they measured the rate of reaction between ozone and silver 


te in nitric acid and found that it was proportional to the concentration of each 


tants, suggesting as the slow step: 


Ast +O, > AgOt + O,, 
but since they found only divalent silver in the solution they assumed a rapid reaction 


leading to its formation as follows: 


AsO Ag 2H* — 2Ag? H,O. 
believed the Ag(II) to be present in some sort of nitrato complex. Weber,“ 

who had oxidized silver nitrate anodically, postulated in 1917 the presence of 

Ag'(Ag!Q,), in the oxidized solutions on the basis of electrolysis experiments which 
1 silver to be cathodic and # anodic. 

We have now ozonized aqueous solutions of the following silver salts, AgNOs, 
Ag.SO,, AgClO,, AgF and AgC,H,Q,, isolated the black crystalline products and 
attempted to characterize them by their composition, oxidizing power, magnetic 
properties and X-ray powder diffraction patterns. These results are reported here 
th some additional observations concerning the reactions and the products. 


EXPERIMENTAI 


were of reagent grade quality and were used without further purification. De- 
was used to prepare all solutions. The aqueous solution of silver (I) fluoride was 
g,O and hydrofluoric acid and contained an excess of HF. Ozone was obtained 
Model T-23 Laboratory Ozonizer using tank oxygen which was predried. The 
2-3 mole per cent Oy; in Oy. 


of gas containing 


1 the study of each silver salt was as follows. The silver salt 
e pH measured, the solution placed in the reaction vessel (a gas adsorption 
rs entitled Argentic Salts in {cid Solution, see Ref. 4. 


, 500 (1906); F. Jirsa, Chem. Listy 19, 3 (1925); Z. Anorg. 
imer. Chem. Soc. 59, 1326 (1937). 
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bottle fitted with a course sintered glass filter) and ozone bubbled through for 1-2 hr. The black solid 
product was collected on a sintered glass filter and either (1) analysed immediately (within 5 min) for 
the ratio of oxidizing power to total silver content; (2) washed with water until the w ashings gave a 
negative test for Ag* and then similarly analysed (to see if water free of ozone would reduce the 
product); (3) washed free of Ag* with water, then washed with acetone and air dried for 10 min and 
analysed separately for oxidizing power, silver content and for any other constituent besides oxygen 
which might be present. (AIl of these analyses were completed within 25 min); or (4) washed and 
dried as in (3) and allowed to stand for 24 hr before complete analysis. It is important to mention 
that no purification of a product is possible other than that afforded by simple washings. 

Ozonizations of the silver salts were also carried out in the presence of one to tenfold excesses of 
the corresponding salts of Ba**, Mg®*, Zn** and Cd**. Cadmium was the only other cation to be 
found in the oxidized product of AgNO;, Ag,SO, and AgClO,. 

All experiments reported here were run at room temperature (25-27°C). 


Analytical analysis 

In order to determine the ratio of oxidizing power to total silver content as rapidly as possible the 
following procedure was used. The freshly filtered precipitate was placed in a 250 ml Erlenmeyer 
flask and treated with 25-00 ml of 0-100 N oxalic acid solution, 35 ml of water and heated to boiling. 
Then 15 ml of an 0:8 M solution of H,SO, was added and the excess oxalic acid back-titrated with 
0-100 N KMnQ, solution. This same solution was then titrated with 0-100 N KNCS solution using 
FeNH,(SO,). as the indicator. The ratio of the results from the first titration to those in the second 
yields the oxidizing power (in electrons) per silver content (in atoms). This is the same procedure 
which was used to analyze 0-100 g samples of washed and dried products for oxidizing power and 
silver content. The time required for this analysis was just under 25 min from the time the product 
was filtered from the ozone-saturated reaction solution. 

Analysis for sulphate was carried out as follows. The product was reduced with concentrated 
ammonia, the solution diluted with water and neutralized with concentrated HCl. The AgCl formed 
was removed by filtration and a 5° BaCl, solution was added to the filtrate. The sulphate was then 
determined by the standard gravimetric procedure. Nitrogen analysis was obtained by a commercial 
laboratory. Perchlorate and acetate were tested for in the products obtained from ozonization of 
AgClO, and AgC,H,0, respectively, by examination of the infra-red spectra of the products. Nitron 
also was used to test for perchlorate. Neither ion was found in any of the products. Fluoride could 
not be detected in the product from the ozonization of AgF by use of Li*, Ca** or PbCl,. The latter 
reagent yields very insoluble PbCIF with I 

Cadmium ion was analysed by two independent procedures. In both methods the weighed black 
precipitate was first reduced with concentrated ammonia, the solution diluted, neutralized and the 
silver removed as insoluble AgNCS. In the first method the Cd?* was precipitated and weighed as 
Cd py.(NCS).. In the second method the Cd?* was precipitated and weighed as cadmium bis-(8- 
hydroxyquinolinate). 

The analytical data reported on stoicheiometry and oxidizing power represent the result of 


averaging at least two separate runs, but in most cases four to six runs were made in each study. 
Duplicate analyses on the same sample agreed w ithin +1 per cent and on different samples to within 
4 per cent. All samples responded negative to tests for the peroxide linkage. 


4. Physical measurements 

a. X-ray. X-ray powder diffraction measurements were obtained with a Norelco X-ray Diffracto- 
meter using Ni-filtered Cu K, doublet radiation. Peaks were detected with a Geiger tube counter and 
recorded electrically. 

b. Infra-red. Infra-red spectra were obtained using a Perkin-Elmer Model 21 Recording Spectro- 
photometer. Both the KBr pellet and Nujol mull techniques were used. 

c. Magnetic. Magnetic susceptibilities were measured to a precision of +6 per cent on a magnetic 
balance designed and built by Day. It is described elsewhere.‘*) Ferrous ammonium sulphate 
was used for calibration and copper sulphate pentahydrate was used to check the accuracy and 
precision. 


” M.C. Day, L. D. Hucettr and D. WILLIs, Rev. Sci. Instrum. 31, 1142 (1960). 
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RESULTS AND DISCUSSION 


Table 1 summarizes some of the pertinent data collected for the several silver salts 
which were oxidized by ozone. 

Silver fluoride and silver acetate. The silver fluoride reaction solution contained 
hydrofluoric acid which served to buffer the solution at a pH of 5-9 and this dropped 
only to 5-8 after 1 hr of ozonization. The silver acetate reaction solution was at a pH 


TABLE 2.—X-RAY DATA ON AgO 








Source Four strongest lines with relative intensities 


2:774 2:418 2 2-288 
100 86 k 33 


O; AgC.H;0, “Trt 2420 6: 284 
100 83 


K.S.O, AgNO, 2°762 2-410 
(in strong base)* 100 


Anodic oxn. of AgClO,* -760 
100 


Boiled sample from anodic 2:771 
oxn. of AgNO,* 100 


Merck and Co. -768 
**Divasil’’* 


* From reference 4. 


of 7-0 before ozonization and this value dropped to 5-7at the end of an hour of ozoniza- 
tion. The possible significance of these pH values in determining the product produced 
will be discussed further on. The black product obtained from each of these solutions 
proved to be silver (II) oxide. This was verified by oxidizing power and silver content 
determinations (Table 1), with the product from the acetate salt showing less stability 
of oxidizing power than the product from the fluoride salt. We have no explanation 
for this stability difference but it should be mentioned that our survey of the literature 
on AgO has revealed that its stability seems very definitely to depend upon its mode of 
preparation. Both products were diamagnetic, which is in agreement with SUGDEN’s) 
findings for an AgO sample obtained by oxidation of AgNO, using K,S,0,.. KLEMM“) 
found an AgO sample to be very weakly paramagnetic, but does not say how he 
obtained the sample. Both of our samples gave essentially identical (within experi- 
mental error) X-ray powder diffraction patterns, which agreed satisfactorily with the 
patterns reported in the literature (Table 2). The pattern has recently been indexed as 
monoclinic,:!*) analogous to CuO. The absence of any but possibly trace amounts of 
fluoride or acetate in these oxides has been established chemically and spectrally. 

{0 §, SuGDEN, J. Chem. Soc. 161 (1932). 

(1) W, Kiem, Z. Anorg. Chem. 201, 32 (1931). 


122) J. A. MCMILLAN, Acta Cryst. (Abstr.) 7, 640 (1954); V. Scatrurin, P. L. BELLON and R. ZANNETTI, 
J. Inorg. Nucl. Chem. 8, 462 (1958). 
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Silver perchlorate. The 0-5 M solution of silver perchlorate had a pH of 3-0 which 
dropped to 1-8 at the end of | hr of ozonization. Immediate analysis (<5 min) of the 


black product showed it to have a ratio of oxidizing power to total silver content 
(which we shall call R from now on) of 1-50, which is just the theoretical value for a 
higher oxide of composition Ag,O; (assuming only Ag(II) and Ag(III) to be present). 
for total silver content supports this formulation, but because one oxygen 
less affects the silver content within our experimental error, we cannot say 


it. The following values illustrate this point. 








Ag,O 
Our compound 
Ag ,O, 
Ag,O 





rhe high value for our compound (compared with the theoretical value for Ag,Os) 
can be accounted for at least in part by the known rapid deterioration of the product 
which, if it occurs by release of oxygen, would raise the percentage of silver. As can be 
seen from the values in Table 1, the oxidizing power drops rapidly, by about 5—6 per 
cent within 20 min, and all the way to that equivalent to AgO in 24 hours. There is 
some justification for writing the formula for this compound as either Ag,O,-2AgO 
or Ag,O,AgO. The X-ray powder diffraction pattern was indexed to show a simple 
cubic lattice, with lattice constant a, = 8-509 + 0-029, in addition to the lines for the 
monoclinic lattice of AgO (Table 3). Presumably the simple lattice is for Ag,O, or 
\g,O0,, with the latter being more likely since the simple cubic lattice lines are much 
stronger than the AgO lines. The wide range of uncertainty in the lattice constant is 
probably caused by structural changes which are occurring even in the time it takes to 
run an X-ray pattern. Thus samples run 12-24 hr after preparation give primarily the 
AgO pattern. CARMAN"®) found that the R value for a higher oxide of silver remained 
1-50 for many hours as long as it was in the presence of the oxidizing agent, K,S,Oxg. 
He claimed that the product initially formed was pure Ag,Os, on the basis that he got 
R = 2:0 when he analysed the product immediately after its formation. He reported 
that after two hours reaction the R value fell to 1-50 and remained at that value. From 
this it would appear that we are dealing with the same compound that he was, but he 
made no additional study of it. If an unstable Ag,O, is formed in our reaction using 
ozone as oxidant, it was not detectable by our methods of analysis. Ozonization had 
to be continued for at least 30 min in order to obtain enough product for our analysis 
and this may in part account for our failure to detect the pure Ag,Os. 

All products obtained from the ozonization of AgClO, solutions were found to be 
paramagnetic, but a range of values for the magnitude of the paramagnetism was 
observed which appeared to be independent of the variables which were being con- 
trolled in our experiments. We are tempted to suggest that what we are observing is 
not normal paramagnetism (AgO is diamagnetic despite the odd number of electrons 
in silver (II)) but rather ferrimagnetism or possibly antiferromagnetism. However, 


Ul 


lay Soc. 30, 574 (1934). 


P. ¢ CARMAN, Trans. Farad 
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this question must remain an open one until detailed X-ray examination and detailed 
magnetic studies involving temperature and field strength changes can be made. 
Silver nitrate. There is still controversy in the literature concerning the exact 
composition and nature of the compound obtained by oxidation of silver nitrate 
solutions, *.4,®.7,19 despite the outstanding work of Noyes and his students in this area. 


TABLE 3.—X-RAY DATA ON Ag,O,:2AgO0* 


Obsd. d / Ie C alcd. ay 





875 

780)! 

‘723 

‘687 

626) 

509 

-420)? 

“305 

:293)4 

‘268 

202 

125 420 

912 

-748) iS ° 422 
‘702) ‘ + 500, 430 
-626) ' 511, 333 
‘575 520, 432 
567 : 521 

537 

‘332 

502 ; 8-497 

483) 3-520 

-461 7 S519 

454) 

-395) 3-486 

360 

-152 ’ 8-465 


“a tN tv NNNNN NN N WN LP 


Ave. lattice spacing = 8-509 + 0-029, simple cubic 





* The d spacing values in parentheses belong to the AgO pattern and the superscript numbered ones are 
the four strongest AgO lines in order 1 > 2 > 3 > 4. 


Our work strongly supports the unusual formulation Ag;,O,NO, for the product (see 
Table 1), in which the nitrate, presumably as AgNOs, is an integral part of the struc- 
ture. No AgNO, lines are present in the X-ray powder pattern of this compound and 
this leads us to postulate that the AgNO, is either physically trapped by the lattice of 
the higher oxides of silver or actually incorporated into the lattice. The nitrate cannot 
be washed from the product and the stability and analysis of the aged product seem 
to establish its importance in the structure. Upon being suspended in boiling water 
for an hour or more the product decomposes to slightly impure (and insoluble) AgO, 
the silver nitrate being released to the solution. 


14) H, BRAEKKEN, Kel. Norske Videnskab. Selskabs Forh. 7, 143 (1935). 
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The X-ray powder diffraction pattern was readily indexed as face-centred cubic 
(Table 4) with lattice constant, a, = 9°895 + 0-004. Swanson, ef a/.“°) obtained the 
same value and also reported four formula groups per unit cell. It is very interesting 


| structure oxides, having formulas AB,O, (or AO-B,O3) (where A may 

tical with B) al ave face-centred cubic lattices with eight formula units per 
cell. Our compound, which may be formulated as 2(AgO-Ag,O;)-AgNO, 
t possibly have a spinel structure which is stabilized by the presence of the AgNOs. 
ncorporation of other — in spinel lattices is not unknown."® Magnetic 
tibility measurements showed a range of paramagnetic values (Tables 1), again 


)9F X-RAY DATA ON HIGHER OXIDES OF SILVER 








Type of lattice attice constants 


Face-centred cubic 9-895 0-004 
9-893 + 0-003 (17) 
9-890 + 0-006 (4) 

Face-centred cubic 9-924 +. 0-004 

Simple cubic ' 8-50 + 0-01 

(+monoclinic) 

Monoclinic 


M1 ' 





t the lattice is responsible for the magnetism rather than the divalent 
There was a very slight difference in the lattice constant, a), for samples 
‘ge and small paramagnetic behaviour, but no composition differences 
-stablished by our methods of analysis. 

lver sulphate. Analysis of the product obtained by ozonization of silver sulphate 

solutions (see Table 1) has led us to formulate it like the nitrate compound, 
Ag.0,SO, or 2(AgO-Ag,O,)-AgSO,. The difference arises in the oxidizing power 
which for the sulphate indicates the presence of only divalent and trivalent silver and 
,onovalent silver. As can be seen from the data in Table 1, the sulphate compound 
as stable on standing or toward boiling water as is the nitrate compound. Our 
sulphate analysis (on a water-washed sample) definitely supports the presence of a 
ometric amount of sulphate and the X-ray powder diffraction pattern shows the 
compound to be completely analogous to the nitrate compound ( Table 4). The 
slightly pmcet lattice constant might a expected in light of the larger radius of the 
sulphate ion (NO,~, 1:89 A; SO,?-, 2:30 A). It might be of interest to point out that 
the still larger size of the perch wd ite ion (2:36 A) may explain the failure of AgClO, to 
be incorporated into the higher oxide structure. Bromate (1-91 A) and iodate (1-82 A) 

have not yet been investigated, but might help clarify this point. 

Magnetic susceptibility measurements of the sulphate products (Table 1) showed 
the greatest range of values of any of the compounds. No explanation can be offered 
at the present time. 

Replacement of silver (II). Attempts were made to replace the Ag(II) in the higher 
oxides by carrying out the ozonizations of the silver salts in the presence of one- or 
tenfold excesses of the following ions: Ba®*, Mg**, Zn** and Cd**. No replacement 


, Nat. Bur. Standards Circ. 539, Vol. TV (1955). 
yrganic Chemistry, (2nd Ed.), pp. 379-385. Oxford (1950). 
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at all was observed with the first three ions, but Cd** was found to replace from 10 to 
15 per cent of the Ag(II) in the products obtained from AgNO;, Ag,SO, and AgClO, 
salts. Cd?+ is closer in size to the Ag?* than are the other cations (1-03 A vs. 0-93 A 
est., respectively). The lattices were somewhat expanded by the substitution of Cd? 
for Ag** but the compounds were not as stable toward decomposition. 

pH changes. In all of the silver salt solutions ozonated a drop in pH was noted 
indicating that the overall oxidation process must be producing hydrogen ions. 
Without kinetic data we cannot say anything concerning possible mechanisms which 
would account for this pH drop. However, it is possible now, in light of our work and 
the available literature, to postulate that above a certain pH we should not expect any 
silver (III) to be permanently formed but that AgO will be the expected product. Thus 
when alkaline solutions of silver (I) salts are oxidized anodically, with K,S,0,*) or 
with O3, the product is invariably AgO. That we obtained AgO and no higher oxides 
from AgF and AgC,H,O, may be traced to the relatively high initial and final pH of 
the solutions. When the pH of the nitrate, sulphate and perchlorate solutions was 
raised to the point where silver (I) oxide would just begin forming, ozonization 
produced only AgO. Therefore it would appear that above a pH of 5, AgO can be 
expected, but below a pH of 4-5, higher oxides may form. 


Acknowledgement—The authors gratefully acknowledge the financial support received from the 
Research Corporation. 
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Abstract—Transi > and solvation phenomena for the ions of sodium chloride in water and 
1 studied. The transference numbers of the cation as a function of 

i function of solvent composition are presented graphically and 

ion triplets of the sodium and chloride ions. Also 


nt transferred from anode to cathode. 


ind solvation phenomena have been previously investigated for the ions 
he chlorides of uranyl, lithium and potassium in water, 

‘4 In this addition to the series of studies the transport 

‘nomena of the ions of sodium chloride in water and water-—ethanol 
As in the case of potassium chloride this study could not be 

per cent ethanol because of the low solubility of the salt in 

ie transport and solvation phenomena of lithium and 
water—ethanol had been studied, it seemed of interest 


rdw 
I 


chloride in the same solvents. Since sodium is between lithium and 


» periodic chart and has many similar properties to these elements, it 


transport and solvation phenomena would be likewise similar to 


» measurement with the use of an inert reference substance 
the determination of the transport and solvation data. 


hod as in our previous studies.“~4 


EXPERIMENTAI 


isher Certified Reagent. The absolute ethanol used was 99-7 volume 
bstance, «-methyl-p-glucoside, was prepared by Nutritional 
wire and all other chemicals were of reagent quality. 


was the same as used previously 


TREATMENT OF DATA 


ls used in this paper are the same as were used in the lithium chloride 


1 


hods already described,"'-*) the Hittorf transference number of the anion 


Nucl. Chem. 16, 114 (1960). 
d | . Amis, J. Inorg. Nucl. Chem. 13, 298 (1960). 
. McNuLty and E. S. , J. Inorg. Nucl. Chem. In press. 
V. McNULLY a1 Amis, J. Inorg. Nucl. Chem. In press. 
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and cation, respectively, and the gramme of solvent transferred per faraday of 
electricity were calculated using the following equations: 


Pa W(100 — P.*) Ax, 


P 100 — P.’ 100 W,, M 








In pure water, the moles of water transported per faraday could be calculated by 
dividing equation (3) by the molecular weight of water. This could not be done in the 
case of mixed solvents since no molecular weight could be calculated for the solvent 


in the solvation sheath. 


TABLE | HITTORF TRANSFERENCE AND GRAMMES OF SOLVENT TRANSPORTED FROM THI 


ANODE TO THE CATHODE FOR NaCl SOLUTE IN WATER 


: 0 0-2195 3435 0°3435 
1000 @ « 


603 


01284 


The data used to calculate the transference and solvation numbers at various salt 
concentrations in water are recorded in Table 1. Fig. 1 and 2 respectively, are the 
transference numbers and moles of water transferred per faraday from anode to 
cathode plotted against concentration of sodium chloride in moles per 1000 g of 
solution. The downward trend of the cation transference numbers agrees with the 
trend of the data recorded in the literature® at 18°C. 

By looking at Fig. 2, the downward trend of f, in Fig. 1 can be explained. Fig. 2 
shows that with an increase in concentration the hydration of the chloride ion becomes 
less relative to the hydration of the sodium ion. This would make the effective size of 
the hydrated chloride ion less and therefore make it move faster relative to the 


>) A. A. Noyes and K. G. FALK, J. Amer. Chem. Soc. 33, 1436 (1911). 
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hydrated sodium ion. One would expect this to happen since positive metallic ions 
hold solvent more tightly than negative nonmetallic ions.‘ 

Another explanation which is very reasonable until one looks at Fig. 2 is the 

ition of an ion triplet NaCl,~. In actuality the downward trend of f, in Fig. 1 is 


bly a combination of the two effects.’ 





1 1 4 


0.1 03 0.4 





Moies NoCi per 1000g. of solution 


insference number plotted against moles NaCl per 1000 g of solution in 
aqueous solution at 25°C. 


Two Points 





! 


i L i 


0.1 0.2 03 0.4 





Moles NaCl per !1000g. of solution 


er transported from anode to cathode per faraday of electricity plotted 
NaCl per 1000 g of solution in aqueous solution at 25°C. 


In Fig. 2 it can be seen that AN,» goes from —0-80 mole to +1-7 as the con- 
centration of NaCl goes from 0°15 to 0-49 mole NaCl per 1000 g of solution. This is 
the same shape of curve as was found for KCl in previous work. This type of curve 
indicates that at low salt concentration where total solvation is large‘*’ that the number 


fm 


oles of water solvating the chloride ion times its “‘true’’ transference number is 


than the similar product for the sodium ion. Since the transference number of 
hloride ion is about one and a half times as large as the transference number for 


NE, Textbook of Physical Chemistry, p. 921. Van Nostrand, New York (1948). 
scINNEs and J. A. Beattie, J. Amer. Chem. Soc. 42, 1117 (1920). 
Phys. Chem. A 168, 141 (1934). 
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the sodium ion, the hydration of the chloride ion would not have to be greater than 
the hydration of the sodium ion at any time. This would make hydration of the 
sodium ion fall in its place in the alkali chloride series if one can assume that the 
chloride ion is hydrated the same in all solutions. In previous work it was found that 
the lithium ion was much more hydrated than the chloride ion,“ but at certain low 
salt concentration the potassium ion was actually hydrated less than the chloride 
ion and therefore one would expect the sodium ion to be hydrated somewhere in 
between. 

The data used for Figs. 3 and 4 are listed in Table 2. The cation transference 
number, ¢,, is plotted in Fig. 3 against weight per cent ethanol at 1-1 weight per cent 
sodium chloride at 25°. Since any explanation of Fig. 3 must be compatible with 
Fig. 4, and also since the figures are complex, one should discuss them together. 

One possible explanation can be given by the use of ion triplets which have been 
used to explain phenomena in dilute solution. It seems reasonable to use them in 
more concentrated solution where they would be more likely to exist. Now ion 
triplet formation depends on the dielectric of the solvent in which the ions are infolded, 
and the predominate one would be Na*Cl-Na° if the sodium ion exchanged part of 
the water of solvation for ethanol first since presumably there would be more ethanol, 
with its lower dielectric constant, in the total solvation sheath in the case of this 
triplet. This would be expected since this was the case with lithium chloride® and 
potassium chloride. If such a triplet were formed in excess, it would cause an 
apparent rise in f,. If the solvation on the ions was not changed in forming the triplet, 
there would be a maximum in Fig. 4 at about 25 weight per cent ethanol since ¢, shows 
a maximum in this region. Therefore, it must be assumed that in the formation of this 
triplet a large part of the total solvation sheath of the three ions is lost. In fact, enough 
must be lost so that no net change in AG! , occurs. 

From 25 weight per cent ethanol to 32 weight per cent ethanol, it is reasonable to 
assume that the free chloride ions begin to exchange water of solvation for ethanol 
making the ion triplet CI-Na*Cl- very favourable since again there would be more 
ethanol in the total solvation sheath. Soon the concentration of the two triplets is 
such that their effects cancel. Also in the region the change in solvation of the chloride 
ion is beginning to reduce AG’). 

From 32 weight per cent ethanol to 40 weight per cent ethanol, the chloride ion 
exchanges more ethanol for water in its outer solvation sheath and becomes more 
bulky but more NaCl,~ is formed and ¢, remains constant. From 40 to 55 weight per 


cent ethanol there is no marked change in either AG;,, or f,. 


In the region of 55 weight per cent ethanol the chloride ion completes its exchange 


of ethanol for water in its solvation sheaths. This causes the free sodium ions to 
become relative less bulky and more mobile. Eventually the sodium ions overcome 
the effect of the NaCl,~ and therefore t, goes up. The ¢, goes up to 0-435 which is 
near the value of 0-440 for a 0-05 molar solution in water—methanol found by SHEMILT, 
Davies and GORDON"? in the same weight per cent region. 

Of course, there might be other and possibly better explanations, but the above 


) 


mentioned ones are possibilities. One might also in some way consider the fact that 
inert references substances are never completely inert.“4.1 


» L. W. SHemitt; J. O. DAvies and A. R. Gorpon, J. Chem. Phys. 16, 340 (1948). 
0) [ G. LoncswortTH, J. Amer. Chem. Soc. 69, 1288 (1947). 
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NUMBERS AND GRAMMES OF SOLVENT TRANSPORTED FROM 
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Two Points 
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Fic. 3.—Cation transference number at 1-1 weight per cent NaCl plotted against weight per 
cent ethanol in solvent at 25°C. 
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Fic. 4.—Calculated grammes of solvent transferred from anode to cathode per faraday of 
electricity at 1-1 weight per cent NaCl plotted against weight per cent ethanol in solvent at 


y ny Oe 


ACCURACY AND PRECISION 
From comparing anion transference numbers at equal salt concentration in Tables | 
and 2 the average deviation for f, is +-0°5 per cent which is well within the 2% accuracy 
of the method. The average deviation of the grammes of solvent transferred is +13 
per cent from comparison at equal salt concentrations in Tables | and 2. 
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electric conductivity measurements of uranyl nitrate hexahydrate solutions in 


ric constants ranging from 7 to 109 (TBP, methylisobutylketone, methylethyl- 
tylacetone, ethanol, methanol, acetonitrile, water and formamide) the dissociation 
r this salt. These constants are of the order of 10-™ (in TBP) to 107! 


t has been found that within a certain concentration range the uranyl nitrate forms 


(NO3);~ with dissociation constants of the order of 10-* to 10-*. Bjerrum’s param- 
|. Their very low values pointed to the presence of covalent binding 


nd nitrate. Therefore the values of the a parameter only allow one to draw quali- 
By using Gilkerson’s derivation of the dissociation constant, the solvation of 
e nic solvents was examined. In several solvents the energy of solvation has the 
nd the water and solvent molecules compete in the primary solvation shell. In strongly 
water molecules in the solvation shell are completely substituted by solvent 


» a stable complex species. The parameter a was now calculated on the basis of 


n for several solvents giving a constant value 2-1 A. 


ivestigations on the electric conductivity of uranyl nitrate solutions in 


EVIOUS II 
tic solvents which were saturated with water" 2) pointed to a weak dissociation of 
lic SOlvents Which were Saturated with water poimn ed tO a Weak dissociation Oo 


this compound in organic media. Hence a first stage of dissociation may be 


accepted according to the equation: 
UO.(NO,), < UO,NO,* + NO, 


The weak electrolyte-like behaviour of uranyl nitrate results from the co-ordinative 
unsaturation of the U(VI) atom which is able to attract four water molecules more 
forming particularly strong co-ordinate bonds. In aqueous solutions the molecule of 

ydrated uranyl nitrate UO,(NO;).6H,O possesses the structure of a hexaaquo 
complexes [UO,(H,O),] (NO,), but in organic solvents in general it takes the form of 
undissociated, solvated uranyl tetrahydrate dinitrate molecules [UO,(H,O),(NO,).] - x 


solvent. In principle the water molecules in this first external solvation shell are not 
easily substituted by solvent molecules. The latter rather join the water molecules by 


is presented to the XVIIth International Congress of Pure and Applied Chemistry, 
Munich, September 1959. 
Faraday Soc. 47, 428 (1951). 
f XVIth International Congress of Pure and Applied Chemistry p. 21. 
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oxygen—hydrogen bonding, thus forming the second solvation shell. In this way the 


interaction of the solvent dipoles is too weak to effect considerable dissociation. This 
view has been confirmed by numerous researches on uranyl nitrate complexes with 
organic ligands based mainly on extraction experiments in uranyl nitrate—water 
organic solvent systems?! 

The above mentioned investigations did not determine the quantitative character- 
istics of the behaviour of the uranyl nitrate in organic solvents. To obtain more 
detailed quantitative data concerning uranyl nitrate and its molecular interactions in 
non-aqueous organic solvents the present work was directed to the quantitative exami- 
nation of dissociation. The purpose of these investigations was to explore the mode of 
dissociation as well as the possibility of the appearance of higher ionic associates such 
as triplets, and eventually quadruplets, as well as determining the solvation. The for- 
mation of triplets in a solution of UO,(NOsg),. in acetone was suggested by KAPLAN 
et al." on the basis of spectrophotometric measurements. 

Solvents were chosen possessing donor groups; in these solvents uranyl nitrate 
exhibits high solubility. These solvents were: water—the strongest electron donor, 
alcohols (methanol and ethanol) and ketones (acetone, methylethylketone and methyl- 
isobutylketone). Some solvents were examined whose complexing ability for urany] 
nitrate is well known (acetylacetone, TBP), as well as some not possessing oxy or 
hydroxy groups (formamide, acetonitrile). This choice enabled us to follow the pro- 
perties of uranyl nitrate in solvents covering a broad range of dielectric constants and 
to settle whether the extent of dissociation depends only on this quantity or on the 
nature of the solvent as well. 

EXPERIMENTAL 


Materials. UO (NO3)2°6H,O was purified by recrystallization from water. 

Formamide was purified” by neutralization with NaOH and then heated to 80-90°C in vacuo, in 
ammonia and in water vapour. This process was repeated 4-5 times and then, after adding sodium 
formate, the formamide was distilled at 80-90°C. After neutralization of the distillate, the final 
distillation was carried out with a highly efficient fractionating column. x, 5-57 10 
5-54 10-* ohm cm=!. 

Water was redistilled from KMnQOy,. xo; 4:16-5:97 10-* ohm-? cm 

Acetonitrile was refluxed over P,O; in an apparatus protected from air for 60 hr. After a first 
treatment the process was repeated until completely colourless P,O; was obtained. In order to 
remove traces of P.O, a distillation from K.CO,; was made, while the final distillation was carried out 
without dehydrating agent."* kK, 4-3-8-2 10-? ohm- cm-. 

Methyl alcohol was redistilled, whereby a purity of 99-85 per cent (0-1 per cent of acetone) was 
obtained. Ko; 2:24-6:07 10-° ohm~ cm. 

Ethyl alcohol was purified by reflux over CaO and fractional distillation. 

3-49 10-* ohm—! cm-?. 

Acetylacetone pro analysi was not purified. «2; 0:68-2:85 10-° ohm-! cm 

Acetone was kept over KMnO, for three days and refluxed over KMnO, for 2 hr. After three 

L. J. KAtzin, D. M. Stmon and J. R. Ferraro, J. Amer. Chem. Soc. 74, 1191 (1952). 

A. R. MATHIESON, J. Chem. Soc. $294 (1949). 

.. SACCONI and G. GIANNONI, J. Chem. Soc. 2368 (1954). 

. SACCONI and G. GIANNONI, J. Chem. Soc. 2751 (1954). 

. GLuecKAur, H. A. C. McKay and A. R. MATHIESON, Trans. Faraday Soc. 47, 437 (1951). 
J. KATzIN and J. C. SULLIVAN, J. Phys. Chem. 55, 346 (1951). 

. GLUECKAUF and H. A. C. McKay, Nature, Lond. 165, 135, 594 (1950). 
A.C. McKay, J. Inorg. Nucl. Chem. 4, 375 (1957). 

. KAPLAN, R. A. HILDEBRAND and M. Aper, J. Jnorg. Nucl. Chem. 2, 153 (1956). 

’. H. VERHOECK, J. Amer. Chem. Soc. 58, 2577 (1936). 

. WALDEN and E. J. Birr, Z. Physik. Chem. 144 A, 269 (1929). 

W. Noyes, J. Amer. Chem. Soc. 45, 857 (1923). 
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K.CO, it was distilled in fractionating column. 
| urified like acetone A 0-1 3 10-8 ohm cm 
e was purified like acetone. «x, 0-9-2-5 10-* ohm-! cm~+" 
"y distilling off one third of the initial volume. The TBP was then treated with 
After separating the water layer, washing with water and drying 
6 10-§ ohm-! cm"! 
measurements were carried out using the conductometer (Type C 271, 
je, Praha MPSE). The bridge network of the instrument is essentially 
ty bridge. The current frequency was 2000 c/s. As a null instrument 
cells employed were of the Erlenmeyer type with two Pt-electrodes of 
m separation. The cell constant determined for standard KCl solutions 
solutions was prepared by diluting a concentrated one (maximum 
Three or four series were prepared in several concentration ranges. 
n a thermostat at 25 0-1°C, the solutions being kept in the dark. 
{ ter and formamide solutions the first stage dissociation of 
1 electrolyte giving two ions of UO,NO,* and NO,-. his 
low dielectric constants. 
) and dissociation constants of the ion-pairs (A) were 
D® according to Fuoss-Kraus method"*:'? by accepting 
polation of the A vs. yc plot or from Walden’s rule (.\97 60). 
ter, acetonitrile, TBP) the experimental points were not used in calcula- 
es from the A—//c plot for definite, chosen concentration values. 


centrations determined by the restriction « 3 10-* D®, the dissocia- 


ind Ky) and triplets (K;, and K3.) were calculated according to 
lt 


KRrAuSs"* methods. 1 the first case the values relate to unilateral 

lateral ones. The A, value was determined by Fuoss’s method (see above) 

\OSTER’S method .\, was taken, as usually accepted, as equal to 3A, 

itrations deviations from the WoosTER’s or FUOSS—KRAUS 

he dissociation constants for quadruplets were calculated according to 

nalogously derived equation to the Fuoss relation for trip- 

r conditions involving a solvent correction higher than 3 

1) are also given in the Tables They correspond to the 

these points do not effect the final results because by re- 

yn of K values exclusively by the Fuoss method. 

th Kw the one calculated by Wooster’s method, i.e. 

correction is not high. 

‘a K values obtained by WoostTerR’s method were used 
RT In K) were based on the same K values. 

| 


ide and water the double stage dissociation was accepted 
is of the first stage dissociation constants the Fuoss 
1 electrolytes using Aequ nt and « nt- Lhe values 


hose from the Fuoss—KRAuS calculations assuming the dissocia- 


LTS AND DISCUSSION 


e molar conductivity measurements are presented in Tables I—-4. 


se of the conductivity curves (A-,\/c) it may be seen that uranyl 


1] | 1 
‘ter 


the solvents—except formamide and water—the character of a 





[he behaviour and structure of uranyl nitrate in organic solvents 


TABLE 1.—MOLAR CONDUCTIVITY OF URANYL NITRATE SOLUTIONS IN FORMAMIDE, 
WATER AND ACETONITRILE 


Formamide D, 109-5 Water D,, 78-5¢ Acetonitrile D,; 


10? (mole/! me 10*(mole/I.) sle 10*(mole/I.) 


143-5 


36°66 
38-14 


Nm MN bh 


N 


49-60 
14-55 


Nm hy 


i) 


MOLAR CONDUCTIVITY Of! URANYL NITRATE SOLUTIONS IN METHANOL, 


AND ACETYLACETONI 


10*(mole/I.) 


15-94 

178-3 9-10 

190-6 4-696 k 5 0:6337 
1-006 d 0:2199 
0-7621 0-1584 
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URANYL NITRATE SOLUTIONS IN ACETONE, 
») METHYLISOBUTYLKETONI 


al 
hylketone 


18-4 


1-486 
1-110 
1-036 
1-039 
1-008 
1-020 
1-013 
0:9995 
0-9889 
0-9757 
0-9557 
0-9363 
0-9180 
0-8974 
0-9109 
0-9076 
0-8862 
0-862! 
0-9061 
0-9238 
0-9438 
0-9314 
‘021 
‘0365 
065 
‘076 
164 


253 


a x 
Oo X } 
-»~NNY PN N 


AY 
rm 


0-1503 


48-00 
33-68 
31-50 
28-08 
17-01 
15-83 
3-120 


0-2837 26°39 


279 
-303 
‘187 


lien 


weak electrolyte (Fig. 1 a, b). A small conductivity minimum observed for some 
solvents (acetonitrile, ethanol, acetylacetone, methylethylketone, methylisobutylketone 
TBP) suggests the existence of higher ionic associates—ionic triplets—which by 
assuming first stage dissociation into UO,NO,* and NO,~ should have the formula 
UO,(NOs;),~ (unilateral triplet ions) or UO,(NO,),;~ and (UO,),(NO,).* (bilateral 
triplet 

In acetylacetone solution a conductivity maximum is observed, which may be 
explained in terms of formation of a well dissociated uranyl complex with the solvent. 
The solutions of higher concentrations than that at which the conductivity maximum is 
observed possess an orange colour characteristic of the complex, while at lower 
concentrations the yellow colour corresponding to uranyl nitrate solutions appears. 


The magnitude of the values of Ap,,.)., in the formamide, water and methanol 
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TABLE 4 MOLAR CONDUCTIVITY OF URANYL NITRATE SOLUTIONS 
IN TBP (D,; 7:6) 


10' (mole/I.) 


1286 
976°4 
643-0 
488-2 
244-1 
165-4 

161° 
82-72 
40-48 
20-09 
13-56 


The molar conductivity of uranyl nitrate hexahydrate in 


Organic solvents. 
acetonitrile, 3—formamide, 4—methanol, 5—ethanol, 6 


icetylacetone. 

solutions points to a two stage dissociation of uranyl nitrate in these solvents. This 
value in acetonitrile solution is considerably lower than that obtained from Walden’s 
rule, pointing to a very low mobility of the ions in this medium. It is due to an increase 


of effective viscosity because of strong interaction of the uranyl nitrate with the solvent. 

A fairly small molar conductivity of uranyl nitrate solution has been found for 
TBP (of the order of 10-3). In this case the A, value assumed in the calculations was 
taken from Walden’s rule. 
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1e molar conductivity of uranyl nitrate hexahydrate in organic solvents 
acetone, 8—methylethylketone, 9—methylisobutylketone, 10—TBP. 


In Table 5 are presented limiting molar conductivity values, and dissociation 


constants of ion pairs (K, Ky and Ky as defined above). 

rhe dissociation constants of ion pairs decrease with the dielectric constant of the 
solvent. However, it must be mentioned here that the dissociation constant for 
acetonitrile is too low, while the dielectric constant of this solvent is relatively high. 
This behaviour may be ascribed to a specific solvent effect beyond that due to the 
dielectric constant. 


The dissociation constants of the unilateral triplet ions (Ks) calculated by 


LIMITING MOLAR CONDUCTIVITY AND DISSOCIATION CONSTANTS OF ION PAIRS OF URANYI 
NITRATE SOLUTIONS IN ORGANIC SOLVENTS 





K 


10 
10-} by Fuoss—EDELSON’s method) 
10°? 1-23 10°? 1:31 10°? 
10 by Fuoss—EDELSON’s method) 
10-° 1-01 10- 3-25 10-° 
10 4-48 10-4 4-49 10-4 
t ; 10 1-2 10-4 5-21 10-4 
Acetylacetone 10 l 10-* 
Acetone 10-* 2:25 . 10-° 
Methylethylketone 10-7 2 10-7 
Methylisobutylketone 8-7: . 10-7 
TBP 3: 10°! 1: 3: 10 
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WoosTer’s method, and the bilateral triplet ions (K3) calculated according to Fuoss- 
KRAus’ method are presented in Table 6. 

Because of the relatively faint conductivity minimum it should be assumed, in 
general, that only unilateral triplet ions are formed, i.e. UO,(NO,),~ ions. 

As may be seen from the magnitudes of the dissociation constants for alcohol 
solutions the formation probability of stable triplets is rather small. 


TABLE 6. DISSOCIATION CONSTANTS OF UNI- AND BILATERAL TRIPLET IONS OF 
URANYL NITRATE IN ORGANIC SOLVENTS 





Solvent Ks, 


Acetonitrile 1-08 10 3 10 
Methanol 3-39 10-2 . 10 
Ethanol 3-25 lo 3. 10-? 
Acetylacetone 1-84 10 E 10 
Acetone 3-83 10-* : 10 
Methylethylketone 5-42 10 “55 10-2 
Methylisobutylketone 9-55 10 - 10 
TBP 1-53 10 ‘8 10- 





(Differences between K,, and K,, values result from the different premises of 
the methods applied.) 


In Table 7 the dissociation constants of the quadruplets are presented for some 
solutions using the methods given above. These calculations have not been made for 
all the solvents because the straight line does not intersect the x-axis at unity as it 


should from the equation (e.g. acetylacetone and TBP solutions). For these solvents 
the existence of some associates differing from quadruplets should be assumed. The 
dissociation constants of quadruplets (cf. Table 7) are very high which points to a low 
stability of associates of this type. 


TABLE 7.—DISSOCIATION CONSTANTS OF QUADRUPLETS 





Solvent K, 


Acetonitrile => 10-? 

Methanol “4 10>? (1-05 10-') 
Acetone 

Methylisobutylketone 





In Table 8 are summarized the values of the dissociation free energies. These 
values are rather high (5000-15000 cal) being of the order of ordinary chemical re- 
actions, and considerably greater than those of the mean molar thermal energy 
(RT = 598 cal). The lowest dissociation energy of uranyl nitrate has been found for 
formamide solutions, in which uranyl nitrate is completely dissociated. 

To obtain more information about the behaviour of uranyl nitrate in organic 
solvents—vis. its solvation—Bjerrum’s parameter a was calculated (acetonitrile 0-56, 
methanol 1-18, ethanol 1-62, acetylacetone 1-23, acetone 1-46, methyethylketone 1-48, 
methylisobutylketone 1-96, TBP 2:45). From their particularly low values as well as 
from the weak dissociation in organic solvents it must be assumed that there is some 


8 
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participation of covalent binding in the molecule of uranyl nitrate. The variability of 
Bjerrum’s parameter for different solvents is due to the solvent effect on the uranyl 
bonding with the NO, group, which in the case of acetonitrile shows outstanding 
covalent character. Of some importance here are the steric factors, which lead to a 
comparatively large a parameter being obtained, as for instance for UO,(NOs), in 
TBP, which possesses large and branched molecules. 

From the results obtained it can be concluded that uranyl nitrate occurs in organic 
solvents in the form of neutral molecules and does not form ion pairs. In general, 


TABLE 8.—DISSOCIATION FREE ENERGIES OF ION PAIRS IN 
URANYL NITRATE SOLUTIONS IN ORGANIC SOLVENTS 





Solvent AG (cal) 
Formamide 327 
Water 2601 
Acetonitrile 8165 
Methanol 4561 
Ethanol 5341 
Acetylacetone 7785 
Acetone 7693 
Methylethylketone 9092 
Methylisobutylketone 9616 
TBP 14830 





this phenomenon should be discussed in terms of incomplete dissociation of mole- 
cules, the association to ion pairs not taking place. The neutral UO,(NO3), molecules 
undergo solvation, whereby the primary solvation shell is closely bonded with the 
uranium atom, forming a more or less stable complex. On a broadly accepted model 
of the uranyl nitrate molecule,:*” it can be assumed that the uranyl group (O—U—O) 
situated along the polar axis of a sphere is bonded in the equatorial plane by six 
hybridized bonds with oxygen atoms from the nitrate groups, water or organic solvent 
molecules. Weak dissociation of uranyl nitrate in organic solvents confirms the 
stability of these equatorial hybridized spdf bonds, which according to COULSON’s 
calculations are most stable. 

Further conclusions concerning the solvation were obtained from the experimental 
results in terms of the microscopic point of view, using GILKERSON’s theoretical 
approach to the dissociation process.“*’ This author derived an equation for the 
dissociation constant which allows for the specific solvent effect, other than that due 
to the macroscopic dielectric constant, by introducing parameters related to the free 
volume available to the particles and the solvation energy. Using the relation 

Ne? l 
log K / =2-- 
. 2:303 aRT D 


(where A is a constant, K the dissociation constant, N Avogadro’s number, eion charge, 


a Bjerrum’s parameter i.e. distance of the closest approach of two ions, D dielectric 
constant of solvent) corresponding to the case of preferential solvation, log K vs. 1/D 


C. A. COULSON and G. K. Lester, J. Chem. Soc. 3650 (1956). 
W. R. GILKERSON, J. Phys. Chem. 25, 1199 (1956) 
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was plotted for all the solvents (Fig. 2). This plot gave straight lines for some solvents 
intercepting the ordinate axis at the origin. For these solvents the constant A equals 
zero. Since. 

log /(2aukT/h?)'*(gvo)/ —E,/2-303RT 


where v_ is the free volume available to the particle, 
is a factor varying between unity for solids and e for gases, 
is the internal rotational and vibrational contribution to the molecular 
partition function, 
uw = m_m_|(m 


energy of solvation. 


Fic. 2—The log K vs. 1/D plot for uranyl nitrate hexahydrate in organic solvents. 
1—formamide, 2—water, 3—methanol, 4—ethanol, 5—acetonitrile, 6—acetylacetone, 
7—acetone, 8—methylethylketone, 9—methylisobutylketone, 10—TBP. 


it is evident that for water, methanol, acetone and methylethylketone solutions the 
solvating molecules are mutually equivalent and their solvation energy E, and the 
(gvo) factor have the same value. Within the solvation shell competition between 
water and solvent molecules must be assumed This explanation is in agreement with 
the results of other authors ‘®») The dissociation constant is in this case a function of 
the dielectric constant of the organic solvent only, and does not depend on the nature 
of the solvent. 

For other solvents such as acetonitrile, methylisobutylketone, TBP the points on 
the log K vs. 1/D plot show a large deviation from a linear dependence, this points to 
different solvation energies and (gvo) factors, and hence different solvation modes. 
The solvation energy in strongly polar solvents (dipole moment of TBP is 3-1, aceto- 
nitrile 3-37, formamide 3-4 D) should be higher than in solvents in the straight line 


group. Therefore, it can be expected that in these solvents the water molecules may be 
completely substituted by solvent molecules in the solvation shell. As is known from 
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extraction data®**) TBP forms an unhydrated complex UO,(NO,)."2TBP. Since the 
uranyl co-ordination number equals six, one may assume that NOg groups form chelate 
bonds, each group occupying two co-ordination sites. A similar bonding of NO, 
groups is to be expected in the case of acetonitrile, the uranyl nitrate complex of 
which is known to have the formula UO,(NOs).*>2MeCN.®) The high stability of 
these complexes, which in the case of TBP has found application in extraction pro- 
cesses, is in keeping with the present interpretation. 

From the slope of the log K vs. 1/D plot (Fig. 2) the distance of closest approach 
of the ions a was calculated anew, whereby a constant value of 2:1 A was obtained. 
This value is close to the distance between the U atom in the uranyl and the oxygens in 
NO, or other groups (2-3-2-7 A) as determined by X-ray method. “°***) The applica- 
tion of GILKERSON’s theory seems to yield more reasonable values of the a parameter, 


than Bjerrum’s theory only, especially as the former takes into consideration the 


specific solvent effect which is of outstanding importance in some of these systems. 
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V. Hearty and H. A. C. McKay, Trans. Faraday Soc. 52, 633 (1956). 
I. KopysHeyv and D. N. SuGLopov, Dokl. Akad. Nauk SSSR, 120, 330 (1956) 
H. ZACHARIASEN, Acta Cryst. 1, 281 (1948) 
Hoarb, J. D. Stroupe in the Book G. H. Diecke, A. B. F. DUNKAN, Spectroscopic Properties of 
nium Compounds, p. 15, New York (1949) 
NKUCHEN, Z. Krist. 91, 473 (1935). 
Curist, J. R. CLARK and H. T. Evans, Science 121, No 3144, 472 (1955). 





J. Inorg. Nucl. Chem., 1961, Vol. 20, pp. 117 to 126. Pergamon Press Ltd. Printed in Northern Ireland 


HYDROCHLORIC ACID PROMOTED HYDROLYSIS 
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Abstract—This study, an extension of a previous note,'*) revealed that the fundamental reaction in the 
hydrolysis of tri-butyl phosphate accelerated by hydrochloric acid is the cleavage of the O-C linkage, 
and it has been shown that the dealkylation reaction in the organic phase yields butyl chloride and acid 
esters. First-order rate constants were calculated and compared with those for a similar nitric acid 
system. A mechanism for the acidolytic degradation, based on the new data, is proposed. Previous 
observations of a greatly increased rate of hydrolysis of the organic phase as its water content increases 
have been confirmed, and the differences in rate in parallel nitric and hydrochloric acid systems 


explained accordingly. 


AN IMPORTANT factor which makes tri-n-butyl phosphate one of the most, if not the 
most, widely used extractants, is its high chemical stability. The only possible 
chemical changes produced by acids and bases or by radiation lead to hydrolytic 
degradation. The di- and mono-butyl acid phosphates so formed, even at low 
concentrations, affect the extraction processes by exhibiting a high complexing power 
towards plutonium, uranium, zirconium and some fission products.”’ In recent years 
the nitric acid catalysed irreversible hydrolysis of TBP has been studied rather 
extensively, and two years ago BURGER™:*) reviewed the work done. It has been 
generally assumed that the rate of nitric acid catalysed hydrolysis of TBP is extremely 
low and therefore does not affect practically the extraction of uranium to any 
appreciable degree. Since the solvent extraction from nitric acid media is the one 
normally used in practical radiochemical separations, it is not surprising that only one 
report has been found in the open literature which refers to the hydrolytic degradation 
of TBP in contact with acids other than nitric acid.“ Burger, from casual and 
incidental data, concludes that halogen acids are better catalysts than nitric or even 
sulphuric acid, and that the rate of hydrolysis of pure TBP increases as its water 
content increases. This last point induced us to investigate the hydrolytic degradation 
of TBP in the presence of hydrochloric acid. A knowledge of the rates of hydrolysis of 
TBP under these conditions may not be essential from an economic point of view, but 
is obviously important from a chemical one. 

We recently studied in this laboratory the solute—solvent interaction in the system 
water—hydrochloric acid—tri-n-butyl phosphate and in addition reported an unstable 
hydration phenomenon of the hydrochloric acid—tri-n-butyl phosphate complex in the 
{) R. E. TOMLINSON, Proceedings of the International Conference of Peaceful Uses of Atomic Energy, Geneva, 

1955, Vol. 9, p. 511. United Nations (1956). 

*) L. L. BurGer, Progress in Nuclear Energy, Series III, Process Chemistry, Vol. 2, p. 307. Pergamon, 

London (1958). 

‘3) L. L. BurGer, Report HW-40910 (1955). 


(4) J. KENNEpy and S. S. GrimLey, AERE C/R-1284 (1957). 
A. S. Kertes, J. Inorg. Nucl. Chem. 14, 104 (1960). 
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organic phase.“ In this work, and in studies including a fourth component, viz. 
uranyl chloride,” special emphasis was placed on the important r6le that water plays 
in the distribution of electrolytes between aqueous solutions and TBP. Therefore, in 
view of the fundamental differences between nitric‘*-* 
the TBP extraction, especially as far as the hydration of the extracted species is 


and halogen acids:%.!9.1) jn 


concerned®~*-!*.!% it was felt that the rate of hydrolysis of TBP catalysed by HCI may 
differ significantly from the rate in HNO, media. The high water content taken up by 
I BP during the extraction of hydrochloric acid, in contrast to unhydrated nitric acid 


in the TBP phase,* is primarily responsible for these differences. A further proof of 
the difference between nitric and hydrochloric acid systems is reported in a 
subsequent paper concerning the instability of the TBP layer containing both hydro- 
hloric acid and uranyl chloride.“*) The above phenomenon, which is completely 


unknown in similar nitric acid systems, was observed during an investigation into the 
extraction equilibria in the system H,O-HCI-UO,CIl,-TBP.™ It was found that 
a fresh homogeneous equilibrium organic layer, previously separated from the 
equilibrium aqueous phase and containing HCI and UO,Cl, in various concentrations, 
could not be kept unchanged under the normal laboratory conditions of light and 
temperature; the homogeneous pregnant organic layer, initially yellow in colour, 
attains a greenish tinge with formation of a precipitate characteristic of uranium(IV). 


EXPERIMENTAI 


of the impurities (alkyl phosphates and pyro-phosphates) present in commercial tributyl 

the Commercial Solvents Corporation’s product was very thoroughly purified by the 

thod previously described The remaining water was evaporated at low temperature and at a 
pressure of 0-2 mm Hg. Baker “Analyzed Reagents” grade hydrochloric acid (11:57 M) was used. 
Determinations of the density, viscosity and conductivity of the homogeneous organic layers were 


1O 


rmed immediately after separation as described previously.'®) Refractive indices were measured 
at 24°C using a Bausch & Lomb refractometer. Potentiometric titrations were carried out using a 
Beckman Zeromatic pH-meter. Water determinations in the TBP layers were carried out by means of 
1g the dead-stop end-point method determined with a Fisher Titrimeter.‘® 


mperature varied between 18-24°C 


,» USIT 


RESULTS 

Acidolysis, the most important reaction which TBP undergoes, occurs in both 
aqueous and organic phases. Although the rate of hydrolysis is considerably higher in 
the aqueous phase than in the organic phase, 99 per cent of the nitric acid promoted 
hydrolysis occurs in the organic phase") because of the very low solubilities of both 
TBP and DBP in aqueous nitric acid. Our main efforts were therefore concentrated 
on the acidolysis processes occurring in the organic phase. 

norg. Nucl. Chem. 12, 377 (1960) 
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Two-phase experiments were chosen, in which equal volumes (12 ml) of the 
aqueous hydrochloric acid solution and undiluted TBP were mixed in a 25 ml 
graduated glass-stoppered cylinder. Since the rate of hydrolysis in the organic phase 
appears to be independent of the presence of the aqueous phase,"® this mixed system 
was chosen, since it is related practically to counter-current extraction methods. 

In these experiments the TBP phase was carefully added to the aqueous acid layer 
and the positions of the interface and air menisci immediately noted; the cylinder was 
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Fic. 1.—The volume decrease of the equilibrium organic phase as a function of time. 


then shaken mechanically for 15 min. A fair degree of phase separation was obtained 
overnight if the cylinder was previously thoroughly cleaned in hot sulphuric acid. 
The equilibrium menisci could be read with an accuracy of +-0-05 ml, and the swelling 
of the organic phase due to the solubility of the aqueous acid solution was calculated. 
Such equilibrated samples were prepared at various time intervals for a period of 220 
days, and were stored under normal laboratory conditions. The samples were shaken 
at irregular intervals, and after standing overnight the positions of the menisci 
were noted. The decrease in volume of the equilibrium organic phases as a function 
of ageing is plotted in Fig. 1. The initial volume (12 ml) of the TBP phase increases 
immediately after equilibration with the aqueous acid solution to 15-60 ml, and then 
decreases as degradation of the TBP proceeds, reaching a volume of 14-15 ml after a 
period of 220 days, the ejected phase being completely miscible with the aqueous layer. 
The nature of this ejection is described later. 

The two layers in the nineteen samples accumulated during the period of this 
investigation were simultaneously separated after centrifugation, the phases were 


a6) Vv, J, Remty, Report ORNL-1138 (1951) 
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analysed, and the density, viscosity, refractive index and conductivity of the freshly- 
separated organic phases were determined. The refractive indices of the organic 
phases remained practically constant, as might be expected from the values for the 
three alkyl phosphates, viz. 1-4199, 1-426 and 1-425 for MBP, DBP and TBP 
respectively.” Significant differences in the refractive index would only result from 
esence of MBP, but its maximum content in the organic phase was only 8 per 

2). The density, viscosity and specific conductance of the organic phase 





mmole 











80 120 160 
Ageing time, days 


Fic. 2.—Yields of DBP, MBP and H,PO, from an initial solution of 43-80 mmole TBP. 


plotted against the percentage of TBP hydrolysed show a linear decrease in these 
properties. The best values, which fit simple linear equations involving first-order 


terms, were 
density (g/ml) 1-033 0-00035H 
viscosity (cP) 21°32 0-178H 
specific conductance (mhos) 0-00374 0-000021H 


where H is the percentage of TBP hydrolysed (Table 1). 


Rate constants 
After a series of preliminary experiments to estimate quantitatively MBP and DBP 
formed in the organic phase“*~'®), the following procedure was adopted. The total 
hydrogen ion concentration in the equilibrium organic phase was determined potentio- 
metrically with standard alkali in a 3:1 ethanol—water mixture. The pH curves 
R. A. Ewina, S. J. Kreut and A. E. Bearse, Report BMI-1073 (1956). 


‘S) R. M. WAGNER and L. H. Tow.e, Report AECU-4300 (1959). 
8) E. K. Dukes, Report DP-250 (1957). 
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showed two endpoints, spaced at increasing distances as solutions of greater age were 
titrated. Consideration of the acid ionization constants, pK = 1-72 for DBP and 
pK 1-89 and 6°84 for MBP”**”) for the first and second ionizations respectively, 
suggested that the first endpoint corresponds to a hydrogen ion concentration due to 
HC] DBP + MBP, and the second endpoint to that of HCl DBP + 2MBP. 
This method was used to obtain the MBP content of the organic phase. An argento- 
metric chloride determination served as a measure of the hydrochloric acid present in 
the organic phase; both gravimetric and Volhard methods gave excellent reproduci- 
bility for chloride determinations from 50 per cent alcoholic solutions. Obviously, 
the differences between the concentrations of the hydrogen ions (after the subtraction 
of MBP) and the chloride ions was due to DBP, on the reasonable assumption that 
HPO, is preferentially extracted into the aqueous phase. The orthophosphoric acid 
formed in the third stage of acidolysis was determined in the equilibrium aqueous 
phase by the molybdenum blue method. To confirm that the traces of alkyl phosphates 
present in the aqueous phase were not hydrolysed under the conditions of the above 
test, parallel blank solutions with known amounts of H;PO, in an aqueous solution 
saturated with DBP and TBP were used. Separate experiments have shown that MBP 
in a mixture of DBP and TBP preferentially remains in the organic phase when 
equilibrated with an aqueous solution of concentrated HCI, due probably to depressed 
ionization of the acidic ester. To show the insolubility of MBP in the equilibrium 
aqueous phases, separate aliquots of the aqueous phases were hydrolysed by the 
HNO,—H,SO, procedure of KENNEDY and GriMLeY"*); the total phosphorus in the 
equilibrium aqueous phases, expressed as MBP, varied between 0-02 and 0-08 mmole, 
proving that MBP formed under the experimental conditions of this investigation 
remains dissolved in the organic phase. 

Fig. 2 shows a plot of the yields of DBP, MBP and H;PO, in mmole against the 
ageing time. Table | gives the calculated amounts of unreacted TBP in mmole and 
the percentage of the decomposed TBP. 

The reaction rate for the first stage of hydrolysis was calculated from the equation 

pr cer k,(TBP) (1) 

dt 

The values of log (unhydrolysed TBP) plotted against the ageing time fall very closely 
on a Straight line, in accordance with the requirements of a first-order reaction. 

The reaction rates for the second and third stages of hydrolysis, assuming a first- 
order reaction, were calculated from the equations 

(d(DBP) 


k,(TBP) 


—— k,(DBP) (2) 
dt a 


(d(MBP) ) 
—— k,(MBP) 
| dt 


Equation (2) can be expressed as 


k.(MBP) (3) 


(DBP) C.<.™ 


_ k,(TBP) 
ey Ss 
20) W. D. KuMLerR and J. J. Ercer, J. Amer. Chem. Soc. 65, 2355 (1943). 


21) D. C. Stewart and T. E. Hicks, Report UCRL-861 (1950). 
(22) J. KeNNepy and S. S. Grimey, AERE CE/R-968 (1952). 
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where C is a constant whose numerical value for (DBP) = 0 when t = 0 is expressed 
by 

k, (TBP), (5) 

ky — k, 
rhe simplifying assumption that 

e*s!~ 1 — kot 
which must be used in order to evaluate equations (2) and (3), is valid only for a 
limited number of initial data and therefore only rough estimates can be made for k, 
and k,. More accurate values for k, and k, can be calculated from data obtained 
by starting with known initial concentrations of DBP and MBP respectively. 
TABLE | DECOMPOSITION OF TBP IN THE ORGANIC PHASE IN EQUILIBRIUM 
WITH CONCENTRATED HCl 





ng time | TBP unreacted TBP decompd Ageing time | TBP unreacted TBP decompd. 
days) (mmole) (%) (days) (mmole) (%) 


146 20-14 54-0 
19-13 56:3 
18-92 568 
17-48 60-1 
17-21 60-7 
16-24 62:9 
15-97 63-5 
15-82 63-9 
14-96 65:8 


Uw 


ON 


an on 


NNN Ww www 
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lhe calculated rate constant for the first stage has the value 
k, 2:1 0-2 10-4 hr- 

and for k, and k, the rough estimates are ~1 x 10-*hr? and ~5 x 10° hr“ 
respectively. 
Organic phase reaction and the ejected phase 

\ decrease in the total amount of ionizable chloride in the organic phase with the 
time of ageing was observed. This could be caused by either or both of the following 
phenomena: (a) the formation of butyl chloride in the organic phase, and (b) the 
presence of free hydrochloric acid in the ejected phase. It was thought at first that 
chloride analysis of the equilibrium aqueous phases should indicate which of these 
was responsible. However, analysis gave results with so wide a scatter that such a 
correlation seemed impossible, and it was therefore decided to carry out a single-phase 
experiment. Fifty millilitres each of aqueous acid and pure TBP were mixed for 15 
min, centrifuged, and the phases separated. The aqueous phase was discarded and the 
homogeneous organic phase was allowed to stand alone without mixing under normal 
laboratory conditions. After sixty-two days the ejected aqueous phase was separated, 
and analysis revealed it to be an aqueous solution of 7-4 M hydrochloric acid con- 


taining only traces of alkyl esters. A qualitative chromic-nitric acid test for butanol‘ 
failed to reveal the latter. An aliquot of the organic phase, after dilution with the 
alcohol : water mixture, was analysed by the method outlined above. The results 


J. MITCHELL (Editor) Organic Analysis, Vol. 1, p. 48. Interscience, New York (1953). 
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obtained were fairly consistent with those given in Fig. 2 for the same time of ageing. 
The remaining organic phase, ~50 ml, was washed several times with equal volumes 
of water in order to remove all of the free HCI present and part of the MBP, but only 
traces of DBP and TBP. Butanol and butyl chloride, if present, would remain in the 
organic phase. Sevenfold washing removed the hydrochloric acid completely (silver 
nitrate test). The water dissolved in the organic phase was removed by several 
treatments with anhydrous sodium sulphate. The dry phase was fractionally distilled, 





TBP, ma 
Fic. 3.—The water content plotted against the amount of unreacted TBP, 
both in the equilibrium organic phase. 
and a fraction distilling between 76-79°C, corresponding to n-butyl chloride, was 
recovered in the pure state; the product was checked by chlorine analysis and found 
to contain 35 °% Cl (theoretical 38-3 %).* No fraction corresponding to n-butanol could 
be traced. It was therefore concluded that the decrease in the organic chloride molarity 


with ageing is due both to butyl chloride formation and also to HCl leaving the 


organic phase. 

Since it was thought probable that the rate of the degradation processes depends 
mainly on the presence of water in the organic phase, Karl Fischer measurements 
were carried out. Fig. 3 shows the water content of the organic phase in mmoles as a 
function of the concentration of undecomposed TBP. Kertes:®) has shown that the 
hydrochloric acid extracted from concentrated or nearly concentrated aqueous 
solutions into TBP forms a monosolvate-trihydrate which undergoes a “dehydration 
process” on ageing. The straight line drawn, with a slope of two, confirms the previous 
findings and indicates that the trihydrate is broken down in the early stage and that 


‘ 


two water molecules are returned to the aqueous phase for every TBP decomposed. 
From independent experiments‘ it seems to be certain that hydrochloric acid forms 


(24) yY, Hapousna, Thesis, The Hebrew University, Jerusalem (1960). 
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a monosolvate-monohydrate in passing from concentrated aqueous acid solutions 
into DBP. A material balance for the water content, calculated on the basis of a 
.BP-trihydrate and a DBP—monohydrate as the chief water-containing species in the 
organic phase, confirms roughly the above considerations in experiments where no 
appreciable amounts of MBP are present in the organic mixture. The lack of 
stoicheiometric balance according to these principles in experiments containing MBP, 
may be due to gaps in our knowledge of the hydration of MBP in such a complex 
mixture of DBP, TBP and butylchloride. 


DISCUSSION 

[he acid-catalysed hydrolysis of orthophosphoric esters appears to be much more 
complicated than that of the carboxylic esters and to follow a very different 
mechanism.? BurRGER‘? has pointed out that in aqueous solutions the hydrolytic 
reaction of phosphoric esters appears to be a dealkylation, i.e. a cleavage of the O-C 
linkage of the ester, rather than a true hydrolysis involving fission of the P-O bond. 
An excessive formation of methyl chloride, by the conversion of the total hydro- 
chloric acid present, was demonstrated by BLUMENTHAL and HERBERT® in a study of 
the acidolytic degradation of trimethyl orthophosphate. A high yield of ethyl chloride 


is formed by the hydrolytic splitting of triethyl phosphate in dilute aqueous hydro- 


chloric acid solutions.) The different catalytic effects of mineral acids in the 
acidolysis of monoethyl phosphoric acid in aqueous media, provides additional 
evidence that the acid anion is involved in the reaction, since the rate of hydrolysis was 
found to be dependent to a large degree upon the nature of the acid, the effect 
decreasing in the order HI > HBr > HCl > HNO, > H,SO,."” Since at least HBr, 
HCI! and HNO, have roughly equivalent degrees of ionization, proton addition to the 
basic oxygen of the phosphoric ester cannot be solely responsible for the different rates 
of hydrolysis. 

The same reaction, fission of the alkyl-oxygen bond, appears to predominate in 
the acidolytic degradation of tributyl phosphate in the organic phase, as is evident 
from the results presented in this paper. According to BURGER,” Nicholls found that 
butyl nitrate is formed in a similar process at high nitrate concentrations as 
the primary reaction product, but only at temperatures above 100°C. Taking into 
consideration the fact that no butanol was found in either of the phases, it appears to 
us that the reaction is mainly a debutylation rather than a hydrolysis, and may be 
represented as follows: 


BuO 
CH,—CH,0-—P—O 


BuO 


BuO 


* Acknowledgement is due to Dr. E. Meter and Miss G. LACHOverR of the Weizmann Institute of Science, 
Rehovot, for the chlorine analysis carried out. 

E. CHERBULIEZ and J. P. Leper, Helv. Chim. Acta, 35, 2589 (1952). 

E. BLUMENTHAL and J. B. M. HERBERT, Trans. Faraday Soc. 41, 611 (1945). 

4. DesJOBERT, Bu Soc. Chim. 809 (1947). 
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The formation of n-butyl chloride from butanol and the acid as a further second stage 
reaction must be completely excluded under the experimentai conditions of this 
investigation, since primary compounds could not form butyl chloride from butanol 
and hydrochloric acid.‘*.?® 

The magnitude of the rate constants in the hydrochloric acid system compared with 
those in the nitric acid system throws light upon the effect of the nature of the mineral 
acid in the dealkylation process. BURGER) has explained the fact that halogen acids 
are better catalysts than nitric or sulphuric acid as being due to a competition between 
water and acid in the TBP solution, since both are needed for the reaction. This 
assumption seems to be confirmed by our findings. Our first rate constant for the 
reaction in the organic phase at ~3-5 M acidity is greater by a factor of 2:5 = 10? 
than the corresponding one in ~3 M organic nitric acid,” and is very similar to the 
first rate constant in a 6 M nitric acid equilibrium aqueous phase, as reported by 
Wagner and quoted by BuRGER.“) The much higher rate constants in the HCI system 
could be primarily due to the high water content of the organic phase“-®-!?.1%) in 
contrast to that found in similar nitric acid systems.‘*-”) The specific effect of the 
nature of the acid promoting the degradation very probably affects the extent and the 
rate of the reaction, but it is unlikely that different mechanisms control the reaction. 
It has also been shown in this study that long before the first stage nears completion 
attack on the next alkyl group commences. It appears therefore that all three stages 
of dealkylation involve the same mechanism, the differences being only in the respec- 
tive rates. 

Further information on this point is available from a previous study" of the 
heterogeneous equilibria in the system H,O-HBr—-TBP. It was noted that dehy- 
dration of the organic phase, as measured by the volume decrease of the equilibrium 
organic phase upon ageing (which accompanies hydrolytic degradation of TBP), reached 
a final value after only forty-five days, when no more TBP was found to be present in 
the system. This relatively short time necessary for complete degradation in com- 
parison to that needed in the present system indicates that the hydrolysis of TBP by 
HBr is even faster than that by HCI. 

The results of this study have in general substantiated the previous interpretation 
of the unstable hydration of the species [TBP.HCI.(H,O)s] existing in the organic 
phase in equilibrium with concentrated, or nearly concentrated aqueous hydrochloric 
acid. In the above preliminary note, the idea was put forward that the conversion of 
the hydrochloric acid—monosolvate-trihydrate into a dihydrate might represent a 
simple dehydration phenomenon, perhaps related to differing stabilities of hydration 
by successive water molecules in the organic solvent, although the alternative possi- 
bility of a dimerization of the species in the organic phase was also pointed out. In 
view of the results presented, it may be concluded that the dehydration phenomenon 
in the pregnant TBP layers, when equilibrated with aqueous HCI solutions, is due to 
the TBP molecules being converted to an ever-increasing extent to DBP, which is pale 
yellow in colour. A correction must be made for the TBP.H,O ratio, which in the 


(6) 


previous note was erroneously calculated on the basis of unchanged TBP content of 


the organic phase. 
These observations on the degradation in the homogeneous pregnant TBP layers 


(28) J. F,. Norrts and H. B. Taytor, J. Amer. Chem. Soc. 46, 753 (1924). 
(29) A. Guyer, A. BreLeR and E. HARDMEIER, Helv. Chim. Acta 20, 1462 (1937). 
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are not limited to systems where the initial aqueous solution is concentrated, or nearly 
concentrated hydrochloric acid. It was noted®:® that the phenomenon of an ejected 
layer also occurs when the TBP is saturated with about 2 N aqueous acid solution. 
Although the dealkylation reaction is kinetically of first order with respect to the ester, 
it need not be of the first order with respect to the acid, which is involved chemically 


and not merely physically. A more accurate formulation of the mechanism for such 
a heterogeneous reaction would be difficult at the present time, and a more exact 
statement must await a determination of the kinetics involved. 

In view of the fact that our results do not show any induction period prior to 
hydrolysis, as reported by WAGNER and quoted by ReiLty,"® the large amount of 
DBP formed under the conditions reported in this paper may be the cause of serious 
concern. The usefulness of TBP as an extractant from hydrochloric acid media is there- 
fore limited by the much higher degradation rates compared with similar nitric acid 
systems. Furthermore, these results suggest that the radiation-accelerated hydrolysis 
of TBP would be far more noticeable under these conditions and significant radiation 
damage might be expected.” 

Ackni dgement—The authors wish to express their particular gratitude to Dr. L. L. BURGER, 
Hanford Atomic Products Operation, General Electric Company, Richland, Washington, for reading 
iscript and drawing attention to the possible errors in the kinetic data on the second and 

ite constants as originally computed, as well as for many other helpful suggestions 
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G and W. WILD, Progress in Nuclear Energy, Series III. Process Chemistry, Vol. 2, p. 320. Perga- 
London (1958) 
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SEPARATION OF YTTRIUM-90 FROM STRONTIUM-90 
AND LANTHANUM-140 FROM BARIUM-140 
WITH ANION EXCHANGE RESIN OF 
CARBONATE FORM 


S. MisuMI and T. TAKETATSU 
Department of Chemistry, Faculty of Science, Kyushu University, Fukuoka, Japan 


(Received 23 December 1960) 


Abstract—The separation of yttrium-90 from strontium-90 or lanthanum-140 from barium-140 was 
carried out with an anion exchange resin in the carbonate form. It was found possible to obtain 
carrier-free yttrium-90 or lanthanum-140 efficiently. Moreover it is possible to separate yttrium-90 
repeatedly from the carbonate solution by this method. 


For the separation of carrier-free yttrium-90 from strontium-90 and lanthanum-140 
from barium-140, many methods including ion exchange,” precipitation, electro- 
lysis®) and solvent extraction have been used. Saito and SEKINE“? reported that a 
tracer amount of yttrium in a carbonate solution is firmly adsorbed on an anion 
exchange resin. The present authors have studied the adsorption of a tracer amount of 
strontium in carbonate solution on an anion exchange resin, using strontium-90 in 
radioactive equilibrium with yttrium-90. It was found possible to separate yttrium-90 
from strontium-90, since only yttrium-90 was adsorbed on the resin. Lanthanum-140 
was separated from barium-140 by a similar method. 


EXPERIMENTAL 
Vaterials 
A dilute hydrochloric acid solution of carrier-free strontium-90 in radioactive equilibrium with 
yttrium-90 (A) and of barivm-140 with lanthanum-140 (B) were used. These radioisotopes were 
received from Oak Ridge National Laboratory (Oak Ridge, Tennessee, U.S.A.). All the other 


chemicals were of analytical reagent grade. 


Apparatus 
A column (7 cm 0-4 cm?) of Dowex-1, X-8 in the carbonate form (50-100 mesh) was used. 
The activity was measured by a Geiger-Mueller counter ““I00AS-A4” of Rikagaku Kenkyusho. 


General procedure 

Both equilibrium and column methods were tried. 

Equilibrium method. One gramme of the resin was added to each 200 ml of a series of ammonium 
carbonate solutions containing the radioisotopes (A or B). The solution was stirred frequently by a 
magnetic stirrer, allowed to stand for 12-20 hr at about 20°C and the resin was rapidly separated 
from the solution with a glass filter (1 G, No. 2). Then the radioisotope in the resin was eluted with 
dilute hydrochloric acid. The effluent was dried up on a water bath and its activity was measured by 
a G-M counter 

Column method. After 50 ml of 0-08 M ammonium carbonate solution containing the radio- 
isotopes (A or B) was passed through the column, the resin bed was washed with 50 ml of 0-01 M 
ammonium carbonate or water at a flow rate of 1-5 ml/min. Then, the radioisotope remaining in the 
resin bed was eluted with 50 ml of 1 M hydrochloric acid. At the beginning of the elution the resin 

1) R. W. Perkins, Analyt. Chem. 29, 152 (1957). 
(2) M. L. SaLutsky and H. W. Kipsy, Analyt. Chem. 27, 567 (1955). 
») N. Ikepa and H. EBIHARA, Japan Analyst 8, 39 (1959). 


D. Dyrssen, Acta Chem. Scand. 11, 1277 (1957). 
N. Saito and T. Sexine, Nature, Lond. 180, 753 (1957). 
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bed was disturbed by the release of carbon dioxide, but it gradually settled down and was packed 
uniformly again. This disturbance (it was eliminated by elution with hydrochloric acid after the 
carbonate form of the resin was changed to chloride form by passing a diluteammonium chloride solu- 
tion) did not affect the elution of strontium-90 or barium-140 since only yttrium-90 or lanthanum 
140 was adsorbed on the resin bed as described below. Successive 10 ml of portions of the effluent 
were collected, dried up and the radioactivity was measured. 
To examine the contamination by strontium-90 in the yttrium-90 solution, ferric chloride (Fe**, 
mg) and strontium chloride (Sr**, 9 mg) were added to the solution. Yttrium-90 was coprecipitated 
with ferric hydroxide and separated from strontium. The ferric hydroxide was dissolved in hydro- 
chloric acid and after solution was dried with an infra-red lamp and the activity was measured. 
Strontium in the filtrate was precipitated as sulphate by the usual method, the precipitate filtered and 
ignited for activity measurement. The contamination by barium-140 in the lanthanum-140 solution 
was examined by a similar procedure after ferric chloride (Fe**, 8 mg) and barium chloride (Ba**, 


11 mg) were added to the solution 
RESULTS AND DISCUSSION 
[he results obtained by the equilibrium method are shown in Table | for an 
example. 
TABLE | K, VALUES OF '*°La AND '°Ba FOR VARIOUS 
AMMONIUM CARBONATE SOLUTIONS (at about 20°C) 





Concentration of ammonium 1401 a 140Ba 
carbonate solution (M) 

0-02 452 

0-04 327 

0-08 199 

0-16 102 


0-32 36 





It is observed that the radioactive material adsorbed on the resin decreases with 
increase in the concentration of ammonium carbonate, according to the batch method. 
The decay curve of the adsorbed material corresponded to that of yttrium-90 (half-life: 
64 hr) or lanthanum-140 (40-2 hr), when stroniium-90 solution in equilibrium with 
yttrium-90 or barium-140 with lanthanum-140 were used. 

In Table | the relation between the distribution coefficient (K,) of lanthanum-140 
or barium-140 and the concentration of ammonium carbonate is shown. The distri- 
bution coefficient K, is given by K, = [M,]/[M,](ml/g) where M, is radioactivity in 
| g of the resin and M, is that in | ml of the solution. From these results, it has been 
found possible to separate yttrium 90 from strontium-90 or lanthanum-140 from 


barium-140 by using an anion exchange resin since a tracer amount of rare earth ions 


in a carbonate solution is firmly adsorbed on the resin, whereas the alkaline earth ions 
are not. 

The data obtained in a column study are given in Fig. | and 2. 

It is seen that the strontium-90 or barium-140 passed through the resin bed and 
flowed out completely with 10 ml of the washing solution, whereas yttrium-90 or 
lanthanum-140 was firmly adsorbed on the resin bed and was not eluted with 50 ml 
of 0-01 M ammonium carbonate solution or water. Accordingly 50 ml of water was 
used for washing. Thus this method is favourable for obtaining carrier-free yttrium-90 
or lanthanum-140 because no substance other than hydrochloric acid is present in the 
yttrium-90 or lanthanum-140 solution. 
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Fic. 2.—Elution curves for separation of !*°La from *°Ba. 
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rhe results of examination for contamination by strontium-90 in yttrium-90 
solution and by barium-140 in lanthanum-140 solution are given in Table 2. 

t is seen that the activity of strontium-90 or barium-140 is less than 0-5 per cent of 
the total radioactivity and the contamination by strontium-90 in yttrium-90 or barium- 
140 in lanthanum-140 is practically negligible. 


TABLE 2.—THE CONTAMINATIONS BY STRONTIUM-90 IN 
YTTRIUM-90 AND BARIUM-140 IN LANTHANUM-140 
The counting rate was corrected to the time of separation 





Y in FeCl, (counts/min) Sr in SrSO, (counts/min) 


3794 14 
3736 8 
2666 9 
2537 11 


'°La in FeCl, (counts/min) '*’Ba in BaSO, (counts/min) 


10132 14 


22493 65 





TABLE 3.—RECOVERY OF YTTRIUM-90 





*°Y obtained by the first ’°Y obtained by the second 
procedure (counts/min) procedure (counts/min) 


3774 3736 
2666 2537 
1360 1223 





TABLE 4.—YTTRIUM-90 OBTAINED BY 
USING VARIOUS CARBONATES 





Kinds of carbonates counts/min 


(NH,),CO, 2376 
Na.CO, 2417 
K,CO, 2411 





Moreover to study whether the daughter nuclide yttrium-90 can be recovered from 
the effluent, the effluent was passed through the resin bed after about 30 days and 
the procedure was repeated. The results obtained are shown in Table 3. 

Consequently, it was found that this procedure can be used for a continuous supply 
of yttrium-90. 

Further experiments were carried out by using 0-08 M solution of sodium or 
potassium carbonate in place of ammonium carbonate in the procedure. The results 
are shown in Table 4. 

[t can be seen that the particular carbonate used has no effect on the separation of 
yttrium-90 from strontium-90. 


Acknowledgement—The present authors wish to thank the Ministry of Education for its financial 


support to this research. 





J. Inorg. Nucl. Chem., 1961, Vol. 20, pp. 131 to 139. Pergamon Press Ltd. Printed in Northern Ireland 
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Abstract—The ionic species of the tetra- and hexavalent actinides that are extracted from nitric acid by 
tri-n-octylamine-xylene solutions have been identified as M(NO,),?~ and MO,(NOs3)5-, respectively. 
The spectrum of each metal in TOA solution is shown to be nearly identical to that of an organic 
solution of the corresponding tetraethylammonium salt; and, in the case of the tetravalent ions, 


nearly identical to a concentrated nitric acid solution of the metal. 

THE tetra- and hexapositive ions of the actinide elements can be extracted from nitric 
acid solutions with tri-n-octylamine solutions (TOA).“~® The extraction by tertiary 
amines from acid solutions has been considered to occur via a mechanism which is 


analogous to the one operating in anion exchange resin systems;"~®) i.e., one in which 


the nitrate ion of the organic-soluble alkyl ammonium nitrate salt exchanges for an 
anion containing the actinide element. 

For thorium(IV), uranium(IV), neptunium(IV) and plutonium(IV) a second power 
dependence of distribution coefficient D on the alkyl ammonium nitrate salt con- 
centration has been observed. This fact suggests the extraction of the hexaco- 
ordinated ion, M(NO,),”-, into the organic phase and the formation of an ion-associate 
with two positive alkyl ammonium ions. CARSWELL and LAWRANCE®) have advanced 
an alternative formula in which the six nitrato groups occupy six of eight possible 
co-ordination positions and alkyl ammonium ions enter the remaining two positions 
to give an electrically neutral eight co-ordinated complex. The extraction data do not 
distinguish between these two species. 

Ions containing hexavalent actinide elements have also been extracted from nitric 
acid with tri-n-octylamine solutions.“’ The dependence of the distribution ratios of 
these ions on free tri-n-octylammonium nitrate concentration in xylene was found to 
be of non-integral power, ranging from 1-3 to 1-6. This dependence could not be 
interpreted as due to the extraction of a particular complex ion species. 

[In the present work an investigation of the spectra of the coloured actinide nitrates 
in amine solutions was undertaken to ascertain if spectrophotometric data could give 
further information about the actinide nitrate species in these amine solutions. 


(* This work was performed under Contract No. AT(45-1)-1350 for the U.S. Atomic Energy Commission), 
J. C. SHEPPARD, HW-51958 (1957). 
A. S. WILson, Procee dings of the Sec ond International Conference on the Peaceful Uses of {tomic Energy ° 
Geneva 1958, P/544, Vol. 17, p. 348. United Nations (1959). 
(3) D. J. CARSWELL and J. J. Lawrance, J. Inorg. Nucl. Chem. 11, 69 (1959). 
4) W. E. Keper, J. C. SHEPPARD and A. S. WILSON, J. Jnorg. Nucl. Chem. 12, 327 (1960). 
4. S. WiILson and W. E. Keper, J. Inorg. Nucl. Chem. 18, 259 (1961). 
J. A. Brotuers, R. G. HArt and W. G. MATuers, J. Inorg. Nucl. Chem. 7, 85 (1958). 
7) E. L. Smiru and J. E. Pace, J. Soc. chem. Ind. Lond. 67, 48 (1948). 
C. F. COLEMAN, K. B. Brown, J. G. Moore and K. A. ALLEN, Proceedings of the Second International 
Conference on the Peaceful Uses of Atomic Energy, Geneva, 1958, P/510, United Nations (1959), 
” J. L. Ryan, J. Phys. Chem. 64, 1375 (1960). 
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A similar investigation has been conducted previously for ferric chloride species in 
ether."° The absorption spectra of the tetravalent and hexavalent uranium, neptun- 
ium, and plutonium nitrates in tri-n-octylamine-xylene solutions were measured and 
were compared with the absorption spectra of acetone or nitromethane solutions of the 
tetraethylammonium salts of the respective hexanitrato and trinitrato anions. The 
spectrum of each actinide in four molar nitric acid was also measured to emphasize the 
differences in absorption spectra between the TOA solutions and the four molar nitric 
acid solutions from which the actinides were extracted. In addition, the spectrum of a 
solution of each oxidation state of the three elements in concentrated nitric acid 
solution was measured. 
EXPERIMENTAL PROCEDURI 
traethylammonium salts 
immonium hexanitratothorate([V), -neptunate(1V), and -plutonate(IV) salts were 
> manner described previously.'*) Neptunium(IV) was obtained by reduction with 
ride in 8 M HNO, and plutonium(IV) by treatment of 8 M HNO; solution with NO, gas. 
1ethvilammonium hexanitratouranate(lV) was prepared at ice temperature by adding one 
1ium(IV) perchlorate solution to an equal volume of 15-8 M HNO, containing 170 g/1. of 
ium nitrate saturated with sulphamic acid. The uranium(IV) perchlorate solution 
dissolution of UO, in an excess of perchloric acid, followed by reduction with 


*traethylammonium hexanitrato salts was analysed for metal content (Table 1). The 
inium, and plutonium salt analyses are those reported previously.'*? Uranium content 
ylammonium hexanitratouranate (IV) was determined by a ceric ion titration and the 

as nitrate ion was determined by Devarda’s method. The carbon and hydrogen 


uranium compound were measured by the Schwarzkopf Microanalytical Laboratories 


TABLE | ANALYSES OF [(C,H;),N].>M(1V)(NO3) 





Other element (°%) 
Found Theoretical Found Element 
N (nitrate) 


Cc 
H 





thylammonium trinitratodioxouranate(VI) was prepared by adding a solution containing 


iranium in concentrated nitric acid to an equimolar quantity of tetraethylammonium 


1 a minimum of concentrated nitric acid at 90°C. The solution was allowed to cool 

to room temperature, whereupon yellow needles of the desired compound separated. The 

nd was washed with sufficient concentrated nitric acid to dissolve about one half the prepara- 

was dried by heating strongly with an infra-red lamp. The resulting product melted in the 
100°C 

logous neptunium and plutonium compounds were prepared in a manner very similar to 

1 compound. Neptunium(VI) was obtained by oxidation of neptunium(V) with hot 

acid. The neptunium(VI) solution was concentrated by evaporation at 75—80°C and the 

nitric acid solution of tetraethylammonium nitrate was added at this temperature. The 


FRIEDMAN, J. Amer. Chem. Soc. 74, 5 (1952). 





Actinide nitrate species in xylene solutions of tri-n-octylamine 133 


neptunium compound separated as dark purple to brown needles. The plutonium(VI) used in the 
precipitation was prepared by oxidation of plutonium(IV) nitrate with ozone. The plutonium(VI) 
compound supersaturated and, after the solution was seeded with a minute crystal of the uranium 
compound, it separated as long brown needles. Because of the small quantities of the neptunium and 
plutonium compounds prepared, washing was not as complete as in the case of the uranium compound. 
Analyses of these materials are shown in Table 2. The infrared spectrum of the uranyl salt showed no 


absorbances due to water. 


TABLE 2.—ANALYSES OF (C,H;),N-MO.(NO,-), 





Metal content (°%) Other element (°%) 
Compound Theoretical Found Theoretical Found Element 


Uranium 40-6 40-6 16°39 16°43 
3-42 3-47 

Neptunium 40-5 40-1 

Plutonium 40-7 39-2 





rhe tetraethylammonium nitrate used in these preparations was prepared by passing Eastman 
tetraethylammonium bromide through a column of Dowex-1 anion exchange resin in the nitrate 


form. The product tested negative for halide with silver nitrate. 


Preparation of solutions 
Oxidation states of the actinides used to prepare the HNO, and TOA solutions were adjusted by 
standard methods and checked spectrophotometrically. Actinide nitrate stock solutions were the 


same as used previously." 

The TOA was also the same material as used before. Solutions of this material became yellow to 
red in colour when contacted with various concentrations of nitric acid. Amine solutions of the 
actinides were prepared by extraction with ten volume per cent TOA in xylene from four molar nitric 
The spectrum of each amine solution was measured against a reference of the same amine 


acid. 
nitrate solutions 


concentration similarly contacted with four molar nitric acid. Since the TOA 
absorbed strongly in the 400-500 my region, and since the solution colours changed slowly with time, 
the actinide spectra obtained in this region are not as accurate as at longer wavelengths. 

Solutions of the tetraethylammonium salts were prepared by dissolving suitable amounts in small 
quantities of either acetone or nitromethane. In some cases, where both solvents were used, no 


differences in spectra were observed. 


Measurements 
All spectra were measured with a Cary model 14 recording spectrophotometer. The cell compart- 
ment temperature was controlled by circulation of water whose temperature was regulated to 25 ie 


The temperature of the cell holder was not regulated directly, however 


RESULTS AND DISCUSSION 

The absorption spectra of the tetra- and hexavalent actinide ions are greatly 
changed by the formation of complexes, but these spectra appear to be influenced very 
little by the chemical environment outside the first co-ordination sphere. Thus it has 
been observed that the spectra of certain actinide ion species are nearly identical in 
such different solutions as organic solvents at room temperature and molten salts at 
several hundred degrees centigrade.” A particular actinide complex ion species in 
one solvent system can therefore reasonably be identified by comparison of its spec- 
trum with the spectra of known species in other types of solvents. In this work the 


(4) PD, M. GRUEN and R. L. McBetn, J. Inorg. Nucl. Chem. 9, 290 (1959). 
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complex ion species of the tetra- and hexavalent actinides, which are extracted by tri-n- 
octylamine solutions from nitric acid, are identified by comparison of their spectra with 


those of solutions of known ionic complexes. 


Tetravalent actinide ions 

In a previous paper, it was shown that the distribution ratio for tetravalent actinides 
between tri-n-octylamine in xylene and 4 M HNO, depends on the second power of the 
amine concentration.” On the basis of a simple mass action argument, it was 
suggested that the extracted metal species was the doubly charged anion in all cases; 


i.e., the hexanitrato complex ion. 


CR 
Vii 


f uranium(IV) solutions in 1 cm cells. 


Absorption spectré 
10-7 M U(IV) in 4 M HNO, 
10-7 M U(IV) in 15-8 M HNO, . 
10-? M U(IV) in 10 volume per cent TOA-xylene. 
10°-* M in tetraethylammonium hexanitratouranate(IV) in acetone. 


B 
( 
D 


NNN pb 


+ 


[onic species of the tetravalent actinides in concentrated niric acid have been 
dentified before as hexanitrato anions, chiefly by comparison of their spectra with 
those of organic solutions of tetraethylammonium hexanitrato salts and with the 
spectra of the solid salts themselves. Although structural data about these salts are 
not available to indicate the arrangement of the six nitrate ions about the metal ions, 
infra-red examination of the uranium(IV) compound has shown no evidence of the 
presence of ionic nitrate.” 

retraethylammonium hexanitrato salts of tetravalent thorium, uranium, neptun- 
ium, and plutonium were prepared, and elemental analyses showed that all were indeed 
hexanitrato compounds. With the exception of thorium, the spectra of solutions of 
each of these salts in acetone and/or nitromethane were measured and are compared 
in Figs. 1-3 with the spectra of the same metals extracted into TOA-xylene from 
4M HNO,. Spectra of the tetravalent ions in four molar and in concentrated nitric 


L. L. BurGer. Unpublished measurements (1960). 
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acids are also included in these figures. It is seen that the spectra of each metal are 
almost identical in the amine solution, in the concentrated nitric acid solution, and in 
the solution of the hexanitrato salt. This is then considered substantial proof that the 
tetravalent actinide nitrate species extracted by TOA are in fact the six co-ordinated 
hexanitrato ions. 
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Fic. 2.—Absorption spectra of neptunium(IV) solutions in 1 cm cells. 


A. 7:5 x 10°? M Np(IV) in 4 M HNO,. 

B. 8-8 x 10-* M Np(IV) in 15-5 M HNQOs3. 

Cc. 93 10°* M Np(IV) in 10 volume per cent TOA-xylene. 

D. 1:10 x 10-? M tetraethylammonium hexanitratoneptunate(IV) in acetone, 
Note: Absorbances = 0 at intercepts with right ordinate. 


Hexavalent actinide nitrates 

In the previous work, the distribution ratios of hexavalent actinides were found 
to depend on the 1-3-1-6 power of TOA concentration when extraction was from 
4MHNO,. These dependences could be interpreted as due to the extraction of a 
mixture of singly charged trinitrato and doubly charged tetranitrato anions. This 
explanation does not seem likely, however, in view of the 1-4 and 1-6 power depen- 
dences found in later work for the extraction of uranyl nitrate from 1 M HNO, and 
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8 M HNO,, respectively. Widely different ratios of the two complex ions might be 
expected to extract from acid concentrations so different. Extraction of a polynuclear 
species likewise does not seem likely since macroscopic uranyl ion concentrations and 
tracer Uranium-233 concentrations were found to give the same amine dependence on 


ALL 


tion from 4 M HNO,.") Later work has also shown that the amine dependence 


PLUTONIUM (IV) 
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Fic. 3 Absorption spectra of plutonium(IV) solutions in 1 cm cells. 


0-83 10-2 M Pu(IV) in 4 M HNO 
1-1 10°* M Pu(IV) in 15-5 M HNO. 
0-84 10-* M Pu(LV) in 10 volume per cent TOA-xylene. 
10-* M tetraethylammonium hexanitratoplutonate(IV) in acetone. 
Absorbance = 0 at marks on right hand ordinate for curves B, C, and D. 


of extraction of uranium(VI) from 4M HNO, by TOA-nitrobenzene solutions is 
greatly different from that by TOA~xylene solutions. This change of amine dependence 
with diluent has been observed before for the extraction of uranium(VI) from sulfate 
solutions. 

The spectrum of uranium(V]1) extracted into TOA from 4 M HNO, was measured 
and it was found to be very similar to the trinitratodioxouranate(VI) spectrum 
measured previously. The spectrum of this ion has been identified by Job’s 


y K. A. ALLEN ORNL-2399 (1957). 
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method of continuous variations in which acetone solutions of uranyl nitrate and tetra- 
butylammonium nitrate gave a maximum absorbance at a 1:1 ratio, indicating the 
UO,(NO3),~ ion.“*) The rubidium salt of this ion has been prepared and X-ray dif- 
fraction measurements on the solid compound indicate that the plane normal to the 


uranium—oxygen axis contains the three nitrate groups equally spaced.» 
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Fic. 4.—Absorption spectra of uranium(VI) solutions in 1 cm cells. 


10-2 M U(VI) in 4 M HNO.,. 

10-2 M U(IV) in 15-5 M HNO. 

10-? M U(IV) in 10 volume per cent TOA-xylene. 

10-? M tetraethylammonium trinitratodioxouranate(VI) in nitromethane. 


The tetraethylammonium trinitrato salts of uranium(VI), neptunium(VI) and 
plutonium(VI) were then prepared and spectra of acetone and/or nitromethane solu- 
tions of these compounds were measured. These spectra are compared in Figs. 4-6 
with those for solutions of the same metal ions in TOA xylene solutions prepared by 
extraction from 4M HNOs. Also included in these figures are the spectra of each 
hexavalent ion in four molar and in concentrated nitric acids. The salt solutions and 
14) L. NApPLAN, R. A. HILDEBRANT and M. Apar, J. Inorg. Nucl. Chem. 2, 153 (1956). 


) J. L. Hoarp and J. D. Stroure quoted by G. H. Diecke and A. B. F. DUNCAN, Spec troscopit 
Properties of Uranium Compounds, NNES, Division III, Vol. 2, McGraw-Hill, New York (1949). 
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the TOA solutions are seen to have nearly identical spectra, which confirms the 

presence of the trinitrato complex of each hexavalent metal in the TOA solutions. 
In contrast to the case of the tetravalent ions, the concentrated nitric acid solutions 

of the hexavalent ions have spectra which are distinctly different from the TOA 
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Absorption spectra of neptunium(VI) solutions in 1 cm cells. 


A M Np(VI) in 4 M HNO, 

B M Np(VI) in 15:7 M HNO, 

( > M Np(VJI) in 10 volume per cent TOA-xylene. 

B 4 0-* M tetraethylammonium trinitratodioxouranate(VI) in nitromethane. 
Note: Absorbance = 0 at marks on right hand ordinate for curves B, C, and D. 


solution spectra. This indicates that little of the trinitrato complex is formed in con- 
centrated nitric acid in these cases. The spectra of the 4M HNO, solutions have 
been included again for comparison. 

The reason for the change of amine dependence of extraction with change of 
diluent is not understood. Because of the possibility of variable dependence, caution 
must be used in basing the identification of an extracted species on this method. 
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Fic. 6.—Absorption spectra of plutonium(VI) solutions in 1 cm cells. 
3-06  10-* M Pu(VI) in 4 M HNO,. 
3°06 x 10°? M Pu(VI) in 18 M HNO. 
1-80 10°? M Pu(VI) in 10 volume per cent TOA-xylene. 
3-09 10°? M tetraethylammonium trinitratodioxoplutonate(VI) in nitromethane. 
Note: Absorbance = 0 at marks on right hand ordinate for curves B, C, and D, 
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CHAIN ALKYL AMINES—II* 


COBALT(II)-HYDROCHLORIC ACID SYSTEMS* 
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New Orleans, Louisiana 
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[he extraction of Co(II) from hydrochloric acid solutions by long chain alkyl amines in 


Abstract 
The extraction curves obtained 


inic solvents has been studied using tracer techniques. 


1 maximum between 8-5 M and 10:5 M hydrochloric acid and are analogous to previously 
n exchange resin elution curves of certain divalent metals. The effects of solvent and amine 


ire on the extraction of Co(II) have been investigated. Spectrophotometric studies were made 


the aqueous Co(II) solutions at high hydrochloric acid concentrations and on the extracted cobalt 
the organic phase. The results of this investigation lends support to the conclusion that the 


} rs > i t > y ] > > 
d cobalt species is the CoC], complex 


THe use of long chain alkyl amines as liquid extractants for anionic complexes of 
various metal ions has been confined primarily to the empirical separation of a specific 
pair of ions“ or to the extraction of uranium, thorium and plutonium.®-*®) In most 
of these studies the extraction mechanism and the extracted species have received little 
ittention. Some work on the elucidation of the extracted species in the uranyl sulfate 
and ferric sulfate systems has been carried out." Also some of the extraction data 
obtained over the past few years at the Oak Ridge National Laboratory have been 
compared and correlated to determine what factors are involved in the successful 
extraction of a particular anionic species. >») In an attempt to further define the extrac- 
tion mechanism and to determine the structure of the extracted species, the authors 
have undertaken a systematic study of the extraction of some anionic complexes of the 


Group VIII transition metals. The first paper in this series"*) described an investiga- 
tion of the extractibility of Fe(II) from hydrochloric acid solutions. In this paper, the 
authors report the results obtained from a similar study of the Co(I1})-—hydrochloric 


acid system. 
* Presented in part before the Inorganic Division of the American Chemical Society, New York City, 
New York, September 1960 ; 
L. Moore. Analyt. Chem. 27, 70 (1955) 
A. MAHLMAN, G. W. Leppicotre and F. L. Moore, Analyt. Chem. 26, 1939 (1954). 
J. Y. ELLeNsuRG, G. W. Leppicotte and F. L. Moore, Analyt. Chem. 26, 1045 (1954). 
G. W. Leppicotte and F. L. Moore, J. Amer. Chem. Soc. 74, 1618 (1952). 
OLEMAN. K. B. Brown, J. G. Moore and D. J. Crouse, Jndustr. and Engng. Chem. 50, 1756 (1958). 
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Extraction of group VIII metals by long chain alkyl amines—II 


EXPERIMENTAL 

Materials. All inorganic chemicals used were analytical reagent grade. The organic solvents used 
were all reagent grade materials except trichloroethylene, which was technical grade. The alkyl 
amines listed in Table 1 were all practical grade materials (with the exception of tri-n-hexylamine 
which was Eastman White label, reagent grade) and were used without further purification. Those 
listed from Rohm and Haas company are actually mixtures as indicated by the structures given. 

Procedure. To determine the per cent extraction of Co(II) the appropriate alkyl amine was 
dissolved in the organic solvent and equilibrated with an equal volume of the aqueous Co(II)—hydro- 
chloric acid solution. The aqueous solution contained a small, countable amount of **Co activity in 
the form of Co(II) chloride. Equal aliquots from each phase were removed and counted in a well-type 


scintillation counter. The per cent extraction was calculated as: 


activity in the org. phase 





Per cent extraction 
activity in the org. phase activity in the aq. phase 


TABLE | ALKYL AMINES USED AS EXTRACTANTS 


Amine Structure ° Source 


Primene 81-R t-C, _:4Fles—2g NH 85-2 Rohm and Haas 
di-n-decyl [CH,(CH,),]2.NH Eastman 
2’-diethyldihexy [CH,(CH.),CH(C.H;)CH.].NH Eastman 
A-2 Highly branched chain secondary 353-395 Rohm and Haas 
tri-n-hexy] [(CH,(CH,);],N Eastman 


. 
I 


tri-benzyl CH, |,N 2 Eastman 


XE-204 Branched chain tertiary 406 Rohm and Haas 


All the absorption spectra determined were obtained on a Beckman Du spectrophotometer fitted 
with the usual accessories for the visible and ultra-violet range. Cobalt concentrations of stock 
solutions were determined by titration with standard EDTA solutions. 

The infra-red absorption spectra reported were obtained on a Beckman IR-5 recording spectro- 


photometer using sodium chloride optics. 


RESULTS AND DISCUSSION 

Extraction efficiency of various systems. The extent of extraction of Co(II) as a 
function of hydrochloric acid concentration, type of amine and organic diluent is 
shown in Fig. |. As reported previously in the extraction of Fe(III) from a similar 
system, the extraction efficiency increases from primary to secondary, to tertiary 
amines."'*) However, the extraction efficiency of Co(II) is less in all cases than for the 
corresponding Fe(III) sample. No curve is shown in Fig. | for primary amines diluted 
in benzene and chloroform due to the fact that the maximum extraction was less than 
2 per cent. 

The severe dependence of the extraction efficiency of a particular amine on the 
nature of the organic diluent observed in Fig. | correlates with the results obtained 
in the extraction of Fe(III). This phenomenon was further explored by observing the 
extraction efficiency of tri-n-hexyl amine in several other solvents. All of the non-polar 
aliphatic solvents investigated resulted in three phase systems. By separating the 
layers and counting aliquots from each layer it was possible to account for all of the 
Co(II) distributed among the layers. Table 2 shows some representative data for 
these systems. The data show that the extraction species is formed and the Co(II) is 
removed from the aqueous layer as the hydrochloric acid is increased. Again, as in 
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Fig. 1, the extraction of Co(II) decreases at very high hydrochloric acid concentrations. 
As will be discussed later, the Co(II) extraction species probably consists of an ion-pair 
which might be represented by : (R,;NH*),(CoCI,)*-. Thus it seems that non-polar 
aliphatic solvents are incapable of solvating the ion-pair of the extraction species. 


“t 
ilts have been previously reported for other systems. !”) 


Similar resu 
Several other solvents which resulted in two phase systems were studied. 


In 





hloroform 
€ tri-n- 


Curve 6—2,2’-diethyldi- 


9—\tri-n-hexyl. 


CH PHASE OF THREE PHASE SYSTEM 





HCl (M) 


12°3 2) 


80-6 80-6 84-3 91-8 | 89-4 





re made up 0-2 M tri-n-hexyl amine in the organic solvent. 


y two phases form. 
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addition to determining the extraction efficiency as a function of hydrochloric acid 
concentration extraction isotherms were obtained by varying the Co(II) concentrations 
in 8-5 Mhydrochloric acid solutions. Some typicalcurves areshown in Fig. 2. Again the 
solvent effect is evident. Table 3 gives some representative extraction data for various 
solvent-tri-n-hexyl amine systems in addition to the dielectric constants of the solvents. 
Obviously no simple relationship holds between the extraction efficiency and the 
dielectric constant of the solvent in these systems. In fact, it appears that except for 
certain halogenated solvents the maximum percentage extraction of the Co(II) is 
almost independent of the diluent. The most noticable exceptions are the case of the 


| MOLE OF AMINE: 2 MOLES OF CO** : 








“IN ORG. PHASE 


M CONC. OF CO’ 








M CONC. OF CO** IN AQUEOUS PHASE 


Fic. 2.—Extraction isotherms for the extraction of CoCl,?~ from 8-5 M HCI solutions by 
0:2 M tri-n-hexyl amine in various organic solvents. Curve 1—Chloroform; Curve 2— 


trichloroethylene; Curve 3—benzene; Curve 4—1 chloro-2-bromoethane. 


TABLE 3.—ExTRACTION OF Co(II) BY TRI-N-HEXYL AMINE IN VARIOUS SOLVENTS 





. Solvent dielectric ’% Extraction of 
Solvent ‘ . . ay ; 
constant Co(II) from 8-5 M HCl 


Chloroform 4-81 29-2 


Bromoform 4:39 29-2 
Trichloroethylene 3-4 91-4 
Bromochloromethane ~8-4 91-6 
1 ,2-Dichloroethane 10-65 93-4 
Anisole 4-33 96-0 
1-Bromo-3-chloropropane ~8-0 96:4 
Nitrobenzene 35-74 97: 

Bromocyclohexane 7:92 97°: 
1-Bromo-2-chloroethane 7-14 98: 


Benzene 2:28 98- 





* All dielectric constant values except those designated as ~ were taken from A. A. Maryortrt and E. 
R. SmitH, Table of Dielectric Constants of Pure Liquids, Natl. Bur. Standards Circ. 514 (1951). The ~ 
values were estimated by comparing values for related molecules. 
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haloforms, which result in very poor extraction media, and to a lesser extent, tri- 
chloroethylene and dichloromethane. 

[hese results indicate that for this extraction system, the dielectric constant of the 
solvent is of minor importance. Those cases where the extraction efficiency is low 
suggest a possible competition between the solvent and the Co(II) species for the amine, 
thus reducing the extraction efficiency of the amine for the CoCl,*~. A possible inter- 
action would be hydrogen bonding between the amine nitrogen and any acidic hydro- 
gen in the solvent. Such an interaction would seem feasible for the haloforms and 
perhaps to a much lesser extent for trichloroethylene and dichloromethane. A similar 
order of hydrogen bonding has been found for various chlorohydrocarbons and 


phosphoryl compounds. ') In an attempt to determine definitely the existence of 


hydrogen bonding between the amine and these solvents an infra-red study of some 
amines solutions was undertaken. 

Hydrogen bonding in amines usually is indicated by frequency shifts in the N—H 
stretching vibrations as indicated by the infra-red spectra of the amine in question.“ 
Since no such N—H groups are present in the tertiary amine studied in this investi- 
gation, we made an infra-red study of the solutions of primary oleyl amine and a 
secondary amine (2,2-diethyldihexyl amine) in various organic solvents. One non- 
symmetrical tertiary amine (N, N’-di-methyl octadecyl amine) was studied and small 
(perhaps insignificant) frequency shifts in the C—N stretching frequency at approxi- 
mately 1040 cm~ were observed with changes in solvent. The appearance of a weak 
absorption peak at approximately 3150 cm“ in chloroform solutions (and to a lesser 
extent in trichloroethylene solutions) was observed. This would indicate some inter- 


1 


yn between the chloroform and the amine but no definite conclusions could be 

yndary amine showed no significant spectral characteristics in any of the 

solvents in the frequency region where N—H stretching vibrations should appear. 

However, a moderately strong band at about 1120 cm! (presumably the C—N stretch 

frequency) shifted to about 1108 cm~ as the solvent was changed from carbon tetra- 
chloride to chloroform. 

In the primary oleyl amine solutions the only spectral changes of any magnitude 
occur in the chloroform solvent. An enhancement of the low frequency N—H 
stretching band is observed, as would be expected for hydrogen bonding. The C—N 
stretch region shows definite enhancement of some bands and elimination of others in 
the chloroform solutions. Also the band frequencies do not vary with amine concen- 
tration so the interaction must be something more pronounced than ordinary solvent 
effects.(4 

We feel that these infra-red studies lend support to the idea of amine-solvent 
interaction in the case of the haloforms and to a lesser degree 1n trichloroethylene. 
Our extraction results indicate that this interaction must be strong enough to interfere 
with the ion-pair formation between the amine and the Co(II) extraction species. 
Hydrogen bonding appears to be the most logical explanation. 

Extraction mechanism and structure of extraction species. \t is of interest to further 
compare the extractability of Co(II) from hydrochloric acid solutions with previous 


\LPERN, J. Bouck, R. FIneGoip and J. GoLpENsON, J. Amer. Chem. Soc. 77, 4472 (1955). 
LLAMY, The Infra-red Spectra of Complex Molecules (2nd Ed. pp. 248-261). J. Wiley, New York 





Extraction of group VIII metals by long chain alkyl amines—I] 145 


observations of Fe(III). The latter showed no maximum in the extraction curves as 
does Co(II) between 8-5 M and 10-5 M hydrochloric acid. This decrease in extraction 
efficiency at high hydrochloric acid concentrations is analogous to the decrease in the 
elution constant of Co(II) at high hydrochloric acid concentrations in anion exchange 
resin studies.“ Other divalent transitional metals which are known to form doubly 
charged complex anions have been found to exhibit this decrease in adsorbability on 
anion-exchange resins. Furthermore divalent metals of this group which are known to 
form singly charged complex anions do not show this decrease in adsorbability at high 
acid concentrations.“ 
The extraction isotherms in Fig. 2 for various amines indicate a limiting mole-ratio 
of Co(II) to amine of 1-2 in all cases. 
These results suggest an anion exchange mechanism for the extraction process 
which might be represented by the following equations: 
R,N(org) + HCl(aq) = R,NH*ClI (org) (1) 
Co(H,O),”*(aq) + 4Cl-(aq) = CoCl,?-(aq) + 6H,O (2) 
2R,;NH*CI-(org) + CoCl,?~ (aq) = (RgsNH*),CoCl,?~ (org) + 2Cl (aq) (3) 


and at high acid concentration: 
(R,;NH*),CoCl,?~ (org) + 2H*Cl-(aq) = 2R,NH*CI (org) + (H*),CoCl,?~ (aq) (4) 


The absorption spectra of the various aqueous and organic Co(II) solutions were 
determined. Fig. 3 shows characteristic absorption peaks at 695 my, 660 my and 625 


ABSORBANCE 


1 
52¢ 








A(Mp) 
Fic. 3.—Spectra of 0-025 M Co** in 12:2 M HCl. Curve ( ) undiluted; Curve ( 
10x dilution; Curve ( ) 50 dilution. 
(45) G. E. Moore and K. A. Kraus, J. Amer. Chem. Soc. 74, 843 (1952). 
6) K, A. Kraus and G. E. Moore, J. Amer. Chem. Soc. 75, 1460 (1953). 
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my in the visible region. It was found that the spectra of the Co(Il)—-hydrochloric acid 
solutions did not change appreciably at hydrochloric acid concentrations of 8-5 M and 
above. Spectra of the organic solutions containing the extracted Co(II) species were 
determined and found to be identical to those obtained for the concentrated hydro- 
chloric acid solutions. Extinction coefficients calculated for Co(II) in 12:2 M hydro- 
chloric acid and for the cobalt species extracted by tri-n-hexylamine dissolved in 


various solvents are given in Table 4. 


TABLE 4.—MOLAR EXTINCTION COEFFICIENTS FOR THE COBALT SPECIES 
EXTRACTED BY TRI-N-HEXYLAMINE IN VARIOUS SOLVENTS AND FOR CoC], 
IN 12:2 M HYDROCHLORIC ACID 





Solvent 695 my 660 my 625 mu 


C,H, 58: 57 408 
CHCl, S8¢ me 388 
C,HCl, 5 = 372 
12-2 N HCl 560 5: 352 


Average 567 ie 381 


The spectrum reported above has been previously assigned to the CoCl,?~ ion.“”) 


Also it has been reported that in the tri-n-butyl phosphate extract from aqueous 
solutions containing cobalt at high hydrochloric acid concentrations cobalt is present 
as the CoCl,?~ complex."*) There seems to be no evidence for the extraction of CoCl,— 
or CoCl,*~ which might have been expected from previous assumptions of the forma- 
tion of these ions in concentrated hydrochloric acid. In fact this investigation lends 
strong support to the conclusion that the extracted cobalt species in all cases is the 
CoCl,*~ ion. 
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THE HYDROGEN FLUORIDE SOLVENT SYSTEM—VI* 
THE ACID STRENGTH OF BF,;, PF; AND SbF, IN LIQUID HFt 
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(Received 22 August 1960; in revised form 16 December 1960) 


Abstract—The thermodynamic solvolysis constant of the BF,~ ion in liquid anhydrous hydrogen 
fluoride was determined to be 7:7 x 10~* by a method of solubility measurements. From the exten- 
sive solvolysis of its salt, it was concluded, therefore, that BF; was not a strong acid in liquid HF. 
By the same method, however, no appreciable solvolysis of the salts of PF; and SbF; in liquid HF 
was detected, indicating, consequently that PF; and SbF; were strong acids in liquid HF. 

A new method of preparation for KPF, and TISbF, in liquid HF is described. The solubility 
product constants of AgBF,, KPF,, KSbF, and TISbF, in liquid HF at 0°C were found to be 
2:96 10-*, 1-32 x 10-*, 5-84 10-? and 2-76 10-* respectively. 

[IT is generally known that liquid anhydrous hydrogen fluoride is a solvent of high 
acidity which, as a result, limits considerably the number of substances capable of 
acting as acids in it. 

Our work") in determining the qualitative acidities of a large number of fluoride in 
liquid HF through the extent of the solvolysis of their salts was followed by the reports 
of KILPATRICK and LuBorskKy™ on the conductometric determination of the dissocia- 
tion constants of the BF,~ ion and the acid-ionization constant of BF, in liquid HF, by 
the report of McCAuLey and co-workers®) on the qualitative acidities of some metal 
fluorides in liquid HF using aromatic compounds as reference bases, by the report of 
MACKOR and co-workers™ on the dissociation constant of the BF,~ ion in liquid HF 
using the same method as that of MCCAULEY’s, and by the report of Katz and co- 
workers) on the conductometric determination of the acidity of SbF; in liquid HF. 
Reported herein is our attempt to determine quantitatively the acid strength of some 
inorganic fluorides in liquid anhydrous HF by using the method of solubility measure- 
ments on their salts to determine the extent of the solvolysis of these salts in liquid HF. 

When a salt LMF,,, derived from the combination of an acid MF,,_,) and a base 
LF, is put into liquid anhydrous HF, it dissolves to give L* and MF,~ ions: 


LMF,(s) = L MF, (1) 
If the acid MF,,._,) is weak, the MF,,~ ion will solvolyse to fluoride ion and the free acid: 
MF,~ = MF,,-1) + F (2) 


* Parts I, Il and III: J. Inorg. Nucl. Chem., 5, 57, 71, 76 (1957); Part IV: J. Amer. Chem. Soc. 79, 4041 

(1957); Part V: J. Inorg. Nucl. Chem. 18, 270 (1961). 

+ This work was done under U.S. Atomic Energy Commission Contract No. AT(11-1)-620. 
¢ From a thesis submitted by S. Kongpricha to the faculty of Purdue University in partial fulfillment of 

the requirements for the degree of Doctor of Philosophy, August, 1960. 

{) (a) A. F. Ciirrorp, Thesis, University of Delaware (1949); (b) A. F. CLirrorp, H. C. BEACHELL and 
W. M. Jack, J. Inorg. Nucl. Chem., 5, 57 (1957); (c) A. F. Ciirrorp and A. G. Morris, Jbid. 5, 71 
(1957). 

M. KILPATRICK and F. E. Lusorsky, J. Amer. Chem. Soc. 76, 5863, 5865 (1954). 

‘) D. A. McCautay, W. S. Hiciey and A. P. Lien, J. Amer. Chem. Soc. 78, 3009 (1956). 

) E. L. Macxor, A. Horstra and J. H. VAN DER WAALS, Trans. Faraday Soc. 54, 71 (1958). 

) H,. H. HyMAN, L. A. QUARTERMAN, M. KILpatrick and J. J. Katz, J. Phys. Chem. 65, 123 (1961). 


147 





A. F. CLIFFORD and S. KONGPRICHA 


[MF,,»][F7] 
[MF.-] 


and 
Addition of an electrolyte KF, which ionizes in liquid HF as 

KF = Kt +F-, (4) 
to the saturated solution of LMF, in liquid HF will shift the equilibria in (2) and (1) to 


the left due to the effect of the common fluoride ion, thus decreasing the solubility of 
LMF,,. Further addition of KF, however, will increase the solubilityof LMF, through 


TABLE 1.—So.usiLiry oF AgBF, IN HF at 0°C 


[AgBF,] [KF] M 





0-1122 0-1370 0-2534 
0-0993, 0-0984, 0-202 

0-0931. 0-0688, 0-166, 
0-0869- 0-0406 0-131, 
0-0854, 0-0317, 0-124, 
0:0843, 0-0259, 0-117, 
00843, 0-0252, 0-117, 
0-0821 0-0105, 0-100, 
0-0818 0-0079 0-097, 
0-08401 


0 0-088 
0-08506 : 


0 





log Ksoiv = 2°71 (u)4 2:11 


the “‘salt-effect.”” The extent of the solvolysis of MF, ion is, therefore, a measure of the 
weakly acidic property of the acid MF,,_,) in liquid HF and the solvolysis constant, 


K..y, can be calculated from the experimental data using the expression in the equa- 
tion (3). 
RESULTS AND DISCUSSION 

The acid strength of BF;. The solubility of AgBF, was determined alone and in the 
presence of varying amounts of potassium fluoride. It was observed, as shown in 
Table | and Fig. 1, to go through a minimum, then rise again as the concentration of 
KF increased. The fact that the solubility of AgBF, in liquid HF decreased to a 
minimum as KF was added could be explained by the shift to the left of the following 
equilibria due to the fluoride “common-ion” effect: 


BF, = BF, + F (6) 

Boron trifluoride is soluble to the extent of about 0-4 molal in liquid HF at 0°C. 

Increase of the solubility of AgBF, upon further addition of KF occurred, as expected, 
due to the “‘salt-effect”’ of KF. 

The reciprocal of the AgBF, molality, m, in the region where the “‘salt-effect’’ was 

predominant, plotted against the square root of the total ionic strength, including that 


D. A. McCautay and A. P. Lien, J. Amer. Chem. Soc. 73, 2013 (1951). 
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from adventitious water as obtained from the conductance measurements of liquid HF 
before each experiment, followed the straight-line equation 


— = 18-4-18-7(u)! (7) 
m 


from which m at infinite dilution was obtained as 0-05437. Thus the thermodynamic 
solubility product constant of AgBF, is (0-05487)? = (2-956 + 0-002) x 10-%. 





3-4 


lonic strengtt 


J 


Fic. 2.—BF, BF, + F- from solubility measurements of AgBF, in KF solutions in HF. 


The apparent solvolysis constants of BF, ion, as shown in Table 1, were calculated 
from the experimental data using the expression in the equation (3). Plotting of the 
logarithms of the apparent solvolysis constants against the square root of the ionic 
strength and extrapolating by the method of least squares to infinite dilution yielded 
the thermodynamic solvolysis constant of the BF, ion as 7:7 « 10~° (Fig. 2). KuL- 
PATRICK and Luporsky,'’ using the method of conductance measurements obtained 
the solvolysis constants of the BF, ion ranging from 18 < 10% to 1-3 « 10-% in 
HF solutions of different ionic strengths. Extrapolation of their values (Fig. 3) to 
infinite dilution yields thermodynamic K 1-3 x 10-%. The thermodynamic K,,), 


solv 
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reported here is of the same order of magnitude as those obtained by this entirely 
different method. It should be noted, however, that this is a much larger value than 
that (2-5 10-*) reported by MACKOR ef al, 

It can be seen from the solvolysis constant that the BF,~ ion is solvolysed exten- 
sively in liquid HF, implying that boron trifluoride is not a very strong acid in liquid 


BF, F- at 20°C. from conductivity measurements 
of KBF, solutions in HF. 
HF. This is not very surprising in view of the fact that boric acid, B(OH), which 
ionizes in aqueous solution according to the equation™” 
B(OH), -- 2H,O == H,O* + B(OH), (8) 


is also a very weak acid (Ka = 6:0 = 10°'°). On the other hand, tetra-(bisulphato)— 
boric acid, ““HB(HSO,),,”” behaves as a very strong acid in 100% H,SO,.’ The main 
reason for such a great difference is probably due to differences in the nature of the 


TABLE 2.—SOLUBILITY OF KPF, IN NaF SOLUTIONS 





[KPF,] [NaF] 


0-04495 0 0-808 
0-05237 0-02916 0-694 
0-06020 0-08723 0-603 
0-06626 0-1530 0-547 


solvents, the dielectric constant and specific conductance of HF being more closely 
related to those of H,O than those of H,SQ,. 

The acid strength of PF;. The solubility of KPF, was determined in the presence of 
NaF in liquid HF and was found to increase regularly as a function of NaF concentra- 
tion through the ionic strength effect (Table 2 and Fig. 4). The result was compatible 
with an assumption of no appreciable solvolysis of the PF,~ ion. 


KPF,(s) <> K+ + PF, (9) 
PF,- = PF, + F- (10) 


J. O. Epwarps, G. C. Morrison, V. F. Ross and J. W. ScHuttz, J. Amer. Chem. Soc. 77, 266 (1955). 
R. J. Grtcespre, R. H. Flowers and J. V. OusripGe, J. Chem. Soc. 1925 (1956). 
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It can be concluded, then, that PF; is a strong acid in liquid HF as indicated also by 
CLIFFORD and Morris", 

Extrapolation of the data to zero ionic strength gives a thermodynamic solubility 
product constant of 1-32 « 10-° for KPF,. 


(NaF 


Fic. 4.—Solubility of KPF, in solutions of HF. 


The acid strength of SbF;. The solubility of KSbF, was found to decrease sharply 
in the solutions of KF as well as of SbF; thorough the ““ccommon-ion” effect of K+ ion 
in the first case and SbF,” ion formed from SbF; (shown in equation 13), in the second 
case. 


KSbF,(s) <= K* + SbF, (11) 
SbF, = SbF, + F (12) 


SbF, -- 2HF = H.F* + SbF, (13) 


The results are listed in Table 3. Any effect due to solvolysis of SbF,~ ion or weak 
acidity of SbF; was too small to be detected. It should be pointed out that the effects 
of KF and SbF; on the solubility of KSbF, are quite comparable as shown in Fig. 5. 
Extrapolation of the KF data to zero ionic strength gave a thermodynamic solubility 
product constant of 5:84 « 10-* for KSbF.. 

Since the relatively high solubility of KSbF, and the presence of the common 


potassium ion may have masked the effect due to solvolysis, experiments were also 
carried out on the less soluble TISbF,. It was found that the solubility of TISbF, in 
liquid HF increased regularly as the concentration of NaF was increased (Table 4 and 
Fig. 6). This confirms the results of the KSbF, experiments and shows that SbF; is a 
strong acid in liquid HF in agreement with the results of Katz et al.© The thermo- 
dynamic solubility product constant of TISbF, was found to be 2:76 x 10. 


EXPERIMENTAL 


Apparatus and method of experiment. The all-Kel-F (polytrifluoromonochloroethylene) apparatus 


and the method of experiment were described previously.‘° 


(9) A. F,. CLirForD and S. KONGPRICHA, J. Jnorg. Nucl. Chem. 18,270 (1961). 
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[KF] 


0 0:3372 0-717 
0-0847 0-2952 -722 
0-1147 0-2828 0-721 
2409 0-2436 0-704 
3678 0-2309 0-650 
6302 0-2185 0-561 
8349 0-2287 0-480 
‘1211 0-2173 0-448 
2231 0-2118 0-434 
6072 0-2172 0-384 
‘8269 0-2113 0-368 


[SbF] 


0-1433 02753 0-712 
0-3075 0-2564 0-636 
0:8603 02239 0-491 
1-2505 0-385 





(Electrolyte) 


Fic. 5.—Solubility of KSbF, in HF solutions 
KF electrolyte 
A SbF; electrolyte. 


TABLE 4 THE MOLAL SOLUBILITY OF TISbF, IN NaF SOLUTIONS 





[NaF] [TISbF,] 


0 0-01848 0-898 
0-:004014 0-01822 0-911 
0-03739 0-02121 0-783 
0-07563 0-02217 0-749 
0-1140 0-02323 0-714 
0-1655 0-02429 0-683 
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Reagents 


NaF (Mallinckrodt analytical reagent grade) was dried at 500°C for 10 hr in a muffle furnace 
before use. 

KF was prepared by dissolving KCI in liquid anhydrous HF and evaporating the solution to 
dryness, using the Kel-F apparatus described previously."°’ The solid was transferred to a platinum 
dish and heated carefully on a hot plate to drive off the solvated HF. Then it was placed in a drying 
apparatus where it was heated to 300°C under vacuum for 12 hours. 

SbF; (Allied Chemical and Dye Corp.) was distilled under low pressure into a Kel-F test tube 
and was transferred to the reaction vessel in a dry box under an atmosphere of dry nitrogen. 


AgBF, was prepared according to the method described previously." 


(NaF) 
Fic. 6.—Solubility of TISbF, in NaF solutions in HF. 


KPF, (Ozark-Mahoning) was washed twice with fresh portions of liquid anhydrous HF in the 
Kel-F apparatus described elsewhere.“° After dry nitrogen was passed through the salt to remove 
the excess HF, the KPF, was placed in vacuum for 6 hr to get rid of the last traces of moisture and 
HF. The compound was analysed for PF,~ ion by precipitation as the nitron salt from a hot 10 per 
cent nitron acetate solution.) After the precipitate was allowed to stand at 0°C for a minimum of 
2 hr, it was filtered through a tared sintered-glass crucible (30-F) and then dried to constant weight 
at 105°C. (Found: PF,~, 78-6 0-2; Theoretical: 78-7°%). 

KSbF, was prepared by reacting equivalent amounts of SbF; and KF, (prepared in situ by dissolv- 
ing dry KCl in anhydrous liquid HF), in liquid hydrogen fluoride. 


KCI HF —K i HCl(¢) (14) 
SbF; I > SbF, (15) 
K SbF,- — KSbF, (s) (16) 


Since the compound was only slightly soluble in the solvent, washings by fresh portions of the 
solvent were effected very conveniently. The preparation was done in the Kel-F apparatus described 
previously. Analysis of the compound for potassium by precipitating it as potassium tetraphenyl- 
borate according to the method of GLass'*) gave K 14:24 + 0-01%; theoretical: K 14-22%. 
TISbF, was prepared in the Kel-F apparatus"® by reacting equivalent amounts of TIF and 

SbF; in liquid anhydrous HF. 
TIE SbF; — TISbF, (s) (17) 


Since the product was insoluble in liquid HF, washings by fresh portions of the solvent were effected 


very conveniently. 


10) A. F, Cuirrorp and S. KONGPRICHA, J. Inorg. Nucl. Chem. 5, 70 (1957). 
11) W, LANGE and E. MUELLER, Ber. Dtsch. Chem. Ges. 63, 1058 (1930). 
12) G. H. Giass, Chemist Analyst, 42, 54 (1953). 





\. F. CLIFFORD and S. KONGPRICHA 


riF was obtained by heating thallium metal stick in an excess of 48 per cent hydrofluoric acid 
and subsequent evaporating to dryness of the resulting solution. 

lium content of the compound was analysed by titration of TI(I) to TI(IL) with standard 

g 4’-ethoxy-2,4-diaminoazobenzene as an indicator.“ The TI(III) and 


ulting solution were reduced to TI(I) and Sb(IIJ) respectively by gaseous sulphur 
and then titrated again with standard KBrO; solution. The result from the second titration 
the amount of TI(I) gave the analysis for Sb(V) in the compound. (Found: TI 46°39 


27°87 0-04. Theoretical: Tl 46°44: Sb 27-66%). 


USI 


AgBI , IN the presenc e of KI 


method of experiment was described previously.‘* Care was taken, however, to transfer 


The 
Ic 


AgBF, and KF into the reaction vessel in the dry box in an atmosphere of dry nitrogen. The solu- 


bility of AgBF, and the concentration of KF were determined by analyses of the samples for silver 


and potassium respectively. 


lity of KPF, in the presence of Nat 
Because of the inability to analyze accurately for sodium, the amounts of liquid HF and NaF 
used in each run had to be measured accurately so as to be able to calculate the concentration of 


NaF in solution. 


Solubility of KSbF, in the pre sence of KF and SbI : 
Transfer of the reactants into the reaction vessel was done in the dry-box under an atmosphere of 


y 


nitrogen. The method of experiment was described elsewhere. ' 


ubility of TISbF, in the presence of NaF 
The method of experiment was described previously.'*’ Analysis for thallium in the compound 
ition of TI(1) to TI(IIL) with standard KBrO; solution” using 4’-ethoxy-2,4 diamino- 


‘+ The concentration of NaF was calculated from the amounts of HF 


in indicator 
mployed from the beginning of the experiment. 
. SMITH, J. Amer. Chem. Soc. 53, 2091 (1931). 
HULEK and P. Roza, Z. Anal. Chem. 119, 185 (1939); 128, 398 (1948). 
W. F. HILLEBRAND and G. E. F. LUNDELL, Applied Inorganic Analysis, pp. 70 and 281. J. Wiley, New 
York (1 153) 
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NOTES 





Spectrophotometric studies on the interaction of chromic chloride and 
potassium octacyanomolybdate 


(Received 19 January 1961; in revised form 17 May 1961) 


METALS ions usually react with potassium octacyanomolybdate (IV) to give insoluble complexes, but 
in a few cases soluble complexes are also formed, such as with Fe(III) and Cr(III). Our investigations 
are concerned with the formation of the latter complex in solution. Preliminary experiments" showed 
that the reaction between chromic chloride and potassium molybdocyanide is a slow one. 


EXPERIMENTAL 


A solution of potassium octacyanomolybdate (IV) was prepared by the method recommended by 
FigsER) and the strength determined by potentiometric titrations with potassium permanganate 
solutions. The molybdenum complex was stored in an amber coloured bottle wrapped with black 








60 — _~ —_— 


ig 


SN 
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Fic. 1.—Ratio Cr(III) to Mo(CN),4~ in curve (1) 1:1, (2) 1:2, (3) 1:3, (4) 2:1, (5) 3:1. Cone of 
reactants 2 10-3 M. 


paper. Analar chromic chloride was dissolved in water twice distilled and the strength was determined 
iodometrically. Mixtures of solutions of chromic chloride and potassium molybdocyanide were 
placed in a 50°C (thermostat) water-bath for 2} hours to ensure complete reaction; their optical 
{) W. U. MALIK and S. IFTIKHAR ALI, Naturwiss 20, 579 (1959). 
‘2) L. F, Freser, J. Amer. Chem. Soc. 53, 5226 (1930). 
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Ratio [Cr**]/{[Cr*+] +- [Mo(CN),*-]}. Original conc of reactants, (1) 2 10-7 M, 
10-* M, (3) 5 10-* M. Final conc ranges from 1 10-* M to 9 10-* M. O.D. 
for (2) and (3) is shifted by 1 and 2 cm respectively 


Ratio [Cr**]/{[Cr* [Mo(CN),*-]}. Conc of reactants (1) 10-* M, 
(2) 1-25 10-3 M. 
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densities in 1 cm Corex cells were measured with a DU spectrophotometer with photomultiplier 
attachment. The maximum absorption for all the mixtures was found at 365 my, indicating the 
formation of only one complex“ (Fig. 1). 

The composition of this complex ion was determined by Jos’s method'*->) of continuous variation 
and the slope ratio method. For the method of continuous variation three sets of mixtures were 
prepared as above with reactants at concentrations of 2 « 10°? M,1 « 10°? Mand 5 = 10-?M and 
optical density at 365 my was measured, after dilution to a concentration of 10-* M. The absorption 
of chromic chloride and potassium molybdocyanide at 10-* M was also determined at 365 my, the 
former being negligible. The difference between the O.D. of the mixtures and that of potassium 
molybdocyanide was plotted against the ratio [Cr**]/[Cr**] + [Mo(CN),*-]; (Fig. 2). For the slope 
ratio method the concentration of potassium molybdocyanide was kept constant and the concen- 
tration of chromic chloride varied, the ratio of the slopes over the straight line portion of the curves 
determined 

DISCUSSION 

The combining ratio as indicated by Jos’s method and the slope ratio method is 1:1; the com- 
position of the complex can therefore be given as KCr™ Mo!*(CN)s. 

If two concentrations (a, + 6,)and (a, + 4.) of the reactants have the same O.D. (that is the same 
value of x, the concentration of the complex), then the equilibrium const.” 


x x 








(a, x)(b, x) (ao x)(bs x} 


a,b, — abs 





(a, + b,) — (az + by) 


For two mixtures hav ing the same optical density (0-40), the value of x was found to be 2:67 10-4 M; 
the equilibrium constant was estimated to be 4-21 10* (Fig. 3). 
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Half-lives of 1*7In and !’"In 
(Received 2 March 1961; in revised form 2 May 1961) 


Tue half-life of In has been reported to be 70 min by CoryeLv"’’ and 1-1 hours by McGinnis.” 
In studying the reaction **In(«,2p)"7In, we have observed a half-life of ~40 min which could not 
reasonably be assigned to any nuclide other than "In. It thus appeared necessary to check the litera- 
ture values."'*) We have essentially repeated MCGINNIS’ experiment. '” 

Cadmium metal was bombarded for about 20 min with a 20 wa beam of 14-MeV and 5-MeV 
deuterons in separate irradiations at the Massachusetts Institute of Technology cyclotron. The major 
cadmium activities formed in the (d,p) reaction are 43-day '°"Cd, 54-hr ‘°Cd, 3-hr "’"Cd, and 50- 
min ‘Cd. The decay of "Cd is to the ground state of ‘In, while ‘Cd feeds the 4-5-hr "In 


(1 


2) 


C. D. Coryvett, P. Leveque and H. G. Ricuter, Phys. Rev. 89, 903 (1953). 
C. C. McGINNIs, Phys. Rev. 97, 93 (1955). 





Notes 


According to GueiT,"? the decay of "Cd is largely to '!"In, while ''*Cd decays to “?"In. 


ht hours after the end of the irradiations chemical separations were made. Indium nuclides 
i been formed directly in the (d,xn) reactions as well as those formed by the decay of cadmium 


ig the bombardment and the subsequent 8-hr period were removed by repeated scaven- 


Cadmium sulphide was precipitated and dissolved, and cadmium was 


c hydroxide 
The column was then washed with 4 M HCl and 


yn a Dowex-—2 anion exchange column. 


After 90 min the column was again washed with 0-5 M HCI which removes indium. Carrier 
led to the effluent and the hydroxide was precipitated. Eight hours later indium was 


AaAgcae( 

This procedure was followed in both irradiations. 
blished decay scheme'*? for the '!*"In—'In pair indicates that there is a 726-keV level in 
ed only by the beta decay of *""In. This level de-excites by a 565-161-keV cascade. The 
as done by following the decay of the 565-keV y-ray on a single-channel analyser. A 


ai— 1.97 HOURS 


\ 44 38.2 MINUTES 
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1.—Decay curve of 565-keV y-ray in an indium fraction milked from a mixture of 3-hr 
d and 50-min "?"Cd. At the time of separation (zero time on abscissa), which was about 
hr after the end of the irradiation, “In and!!""In were in transient equilibrium. The 1-97-hr 
nin components are attributed to “?"In and !""In respectively. Indium-117m decays 
art (22 per cent) to "In. The 565-KeV y-ray occurs only in the decay of “In. The count- 
ing error at each point was less than the radius of the circles drawn in the figure. 








ny 


38 


13 | in. Nal(Tl) crystal was used. A check of the complete y-ray spectrum indicated only '?""In 

and **In present in any appreciable concentration in the sample. Only a negligible amount of }°"In 
was observed 

Since *'’""In decays in part by an isomeric transition to '’In,‘* there was of course a component 

with a half-life characteristic of In even though the y-ray counted appears only in the decay of 

curves obtained for the four samples were analysed as follows. A least-squares fit 

the long-lived portion. The resulting line was back extrapolated and subtracted from the 

A least-squares fit was then made to the remaining points to obtain the shorter 

ilts are tabulated in Table 1. A typical decay curve is shown in Fig. 1! 


HOLLANDER and G. T. SEABORG, Revs. Mod. Phys. 30, 585 (1958). 
Thesis in Chemistry, Mass. Inst. Tech. (1958). 
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The half-lives obtained were 38-0 1-3 min for "In, and 1-93 + 0-05 hr for "In, where the 
error quoted is the r.m.s. deviation from the mean of the four experiments. The latter value is in good 
agreement with the previously published value®) of 1-90 hr. There is a considerable disagreement, 
however, with the earlier value for “"7In. The recent results of NEED’ and WoLre and HUMMEI _ 
41 7 and 43 4 min respectively, are in reasonable agreement with our result. 

The discrepancy may have arisen in the following way. The indium fraction milked from cadmium 
at a time long compared to the half-life of 50-min "*’Cd, decays initially with a slope corresponding to 
a half-life of about 1-1 hr. If it is incorrectly assumed that no '!’"In is present, then the half-life of 
‘7In indeed appears to be 1-1 hr. On extended counting, however, a 1-9-hr component is clearly 
present as is shown in Fig. 1. 


TABLE 1.—HALF-LIVES OF '"7In AND 





Experiment tin 


37-6 min 
38-2 
39-7 
36°6 


Average + RMSD 38-0 





We have used two different deuteron energies to change the ratio of *’"Cd (11/2—) and ™’Cd 
(1/2 +) produced in the (d,p) reaction. The systematics‘ of cross sections for forming isomeric pairs 
predict that with 5-MeV deuterons little angular momentum transfer should occur in a (d,p) reaction, 
thus favouring the isomer of spin closer to that of the target nucleus ***Cd (0+). At 14 MeV, greater 
orbital angular momentum is available and formation of residual nuclei of greater spin difference 
becomes more probable. Hence one expects the ratio o('!7"Cd)/a(?!"Cd) to be smaller with 5-MeV 
deuterons than 14-MeV deuterons. In spite of the differences in the relative amounts of '!7"Cd and 
117Cd produced in the nuclear reaction and thus the relative amounts of '*’"In and *""In present in the 
sample counted, the half-lives observed are consistent from experiment to experiment. Milking 
indium at different times from cadmium also changes the relative amounts of ’"In and ""In in the 


sample counted. 
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The synthesis and infrared absorption spectra of complexes of cobalt 
with pentadentate propylenediaminetetraacetic acid 


THE preparation of the hexadentate complex of propylenediaminetetraacetic acid (hereafter denoted 
by PDTA) with cobalt(III), K[Co(PDTA)]:3H,O and the resolution of this compound into optical 





Notes 


ners have been reported by Dwyer and GaRVvAN."") In the closely related case of ethylenediamine- 
etraacetic acid (EDTA) a series of complexes of the general formula M[Co(HY)X], where M is an 
cali metal ion and X~ is Cl-, Br~, OH~, or NO,~, has been prepared by various workers.":*:*) The 
red spectra of these pentadentate complexes have been studied'**) and the state of combination 
he carboxyl groups has been inferred. Compounds of the formula M[Co(HY)X] exhibit an intense 
rption band associated with three co-ordinated carboxyl groups in the vicinity of 1650 cm~! and a 
weaker absorption indicative of the single carboxylic acid group at approximately 1750 cm~. 
utral salts M,[Co(Y)X] also give evidence for the co-ordinated carboxyl groups; however, the 

th fi ency infra-red absorption of the free salt-forming carboxyl group appears at approximately 


equ 


lda- 


1600 cm These results have found strong support in the definitive structural work of HoaRD and 











\ similar series of complexes of PDTA, in which this ligand co-ordinates to cobalt(III) in a penta- 
dentate manner, has recently been prepared in these laboratories. The compounds Na[Co(H— 
PDTA)X] (structure Il), where X~ is Cl-, Br-~, or NO,~, and Na,[Co(PDTA)X] (structure I), where 
X~ is Br- or OH~ have been synthesized and characterized by elemental analyses and infra-red spectral 
measurements. The syntheses may be summarized in a general reaction involving simultaneous 
oxidation of the cobalt and co-ordination of the reduction product of the oxidizing agent, as shown 
below. In the case of the formation of the nitrite complex, representation of 


[Co"(PDTA)] kX, — [Co™(PDTA)X] 
(where X, is Cl, Br., H2O,, or NsO,) 


the oxidant as N,.O, is essentially a formalism since the reaction is carried out with acidic nitrite 
Che chloro-complex has also been prepared by a simple substitution reaction in which the 


solution 


hexadentate complex is merely heated gently with a small amount of concentrated hydrochloric acid. 


These products closely resemble the corresponding complexes of EDTA, being identical in colour and 
showing similar tendencies to convert spontaneously into the hexadentate complex. 

lable I summarizes the infra-red absorption bands which are of diagnostic value in the study of 
the structures of these compounds. A strong, broad absorption in the region extending from 1625 to 
1680 cm~ is associated with the co-ordinated carboxyl groups in all of the PDTA complexes. This 
band is much broader in the spectra of the PDTA derivatives than in those of the EDTA compounds. 
The PDTA complexes having structure II (lines 1, 2, and 3, Table 1) exhibit three additional absorp- 


bands which are indicative of the presence of the free carboxylic acid group.’ These are the 


F. P. Dwyer and F. L. GARVAN, J. Amer. Chem. Soc. 81, 2955 (1959). 

G. SCHWARZENBACH, Helv. Chim. Acta 32, 839 (1949). 

M. L. Morris and D. H. Buscn, J. Amer. Chem. Soc. 78, 5178 (1956). 

I. A. W. Suimi and W. C. E. HiGGinson, J. Chem. Soc. 1958, 260. 

D. H. BuscuH and J. C. BAILAR, JR., J. Amer. Chem. Soc. 75, 4574 (1953). 
H. A. WEAKLEIM ¢ L. Hoarpb, J. Amer. Chem. Soc. 81, 550 (1959). 
G. S. SMITH and | HOARD, J. Amer. Chem. Soc. 81, 556 (1959). 
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162 Notes 

bands at 2500-2800 cm~! (—OH stretch), 1740-1750 cm! (C—O stretch in —CO,H), and 1220-1235 

cm The band at 2600 cm~ is very weak and is assigned only in the case of Na[Co(HY)Br]-H,O. 

The disappearance of these bands upon conversion of the acid salt into the neutral salt Na, 

[Co(Y)Br] is consistent with the structures assigned. The appearance of a band of moderate intensity 

at 1600 cm~', as reported in an earlier study’ with the EDTA complexes, provided direct evidence 

for the presence of the salt group (—CO,~Na*). In the example of present interest, no such distinct 

was observed; however, the C—O absorption was found to be abnormally broad (approxi- 

‘ly 100 cm~') and unsymmetrical, suggesting the overlapping of the expected bands due to com- 

d (1650 cm-') and free carboxylate groups (1600 cm~'). The limitations to be anticipated in 
mpts to resolve these two bands were discussed earlier.‘ 

hree bands at 1410, 1345, and 835 cm~ are normally associated with the co-ordinated nitro 

The nitro complex Na[Co(HY)NO,] exhibits bands at 1410 and 828 cm~'. However, the 

nment of the band at 1360 cm“ to the nitro group is complicated by the fact that the chloro and 

no complexes also exhibit absorption bands in the region 1315-1365 cm~'. The bands definitely 


nable are adequate to establish the presence of NO, 


EXPERIMENTAL 


Infra-red spectra—The infra-red spectra were obtained on solid samples of the compounds in 
potassium bromide discs. The measurements were made with a Perkin-Elmer Model 21 Recording 
spectrophotometer equipped with a sodium chloride prism. 

Preparation of dihydrogen aquo(propylenediaminetetraacetato)-cobalt(11)3-hydrate—10-2 g_ of 
CoSO,°7H,0 were dissolved in 75 ml of water on a waterbath and a mixture of 10-0 g of PDTA and 
2:62 g of NaOH in 75 ml of water was added. The resulting solution was concentrated to half its 
original volume and the complex was filtered and washed with water and acetone, and air dried at 
room temperature 

Anal. Calcd. for H.[Co(C,,H,,N:0,)(H.O)]-3H.O: C, 30:38; H, 5:52; N, 6-44. Found: C, 
30-11: H, 5:79: N, 6°56 

Preparation of disodium hydroxo(prop) lenediaminetetraacetateo) cobaltate(11l) 4-hydrate—4-0 g 
of dihydrogen aquo(propylenediaminetetraacetato) cobalt(II) 3-hydrate was suspended in 30 ml of 


water in an icebath and 0-8 g of NaOH in 20 ml of water was added with stirring, followed by 10 ml of 
30°% H.O,. After two hours, the contents were filtered and the filtrate was treated with 4 ml of H,O, 
for one hour at O°C. On the addition of this solution to 400 ml of cold (0°C.) absolute ethanol and 
stirring vigorously, an oily layer separated. The supernatant liquid was decanted and additional cold 


absolute alcohol added, stirred and decanted. The procedure was repeated until the oil had changed 
into blue crystals. The deep blue crystals were filtered, washed with absolute alcohol and acetone, and 
dried over magnesium perchlorate under vacuum. 

Anal, Calcd. for Na.[Co(C,,H,;N,0O,)(OH)] 4H.O: C, 26°64; H, 4-64; N, 5-65. Found: C, 
26:96; H, 4:69; N, 5-21 

Preparation of sodium hydrogen chloro( propylenediaminetetraacetato) cobaltate(Ill) 3-hydrate 
7:93 g of PDTA and 2:07 g of NaOH were dissolved in 75 ml of water and cooled to 0°C. Twelve 
milliliters of glacial acetic acid and 6°37 g of CoCl,-6H,O were added and chlorine gas was passed 
through the solution for five hours. The solution was filtered and the filtrate was added with stirring 
to 350 ml of cold absolute ethanol. At this point the blue complex precipitated and was filtered and 
washed with absolute ethanol. The crude product was dissolved in the minimum amount of water 
and again precipitated with alcohol. The complex was dried over magnesium perchlorate under 
reduced pressure 

Anal. Calcd. for Na[Co(C,,H,;N.O,)Cl] 3H.O. C, 27-91; H, 4-47; N, 5-92; Cl, 7-49; Found: 
C, 28°44; H, 4:20; N, 6°11; Cl, 7°52. 

Preparation of sodium hydrogen bromo( propylenediaminetetraacetato) cobaltate(Ill) 1-hydrate— 
7-93 g of PDTA and 2:07 g of NaOH were dissolved in 75 ml of water and cooled to 0°C. Twelve 
millilitres of glacial acetic acid, 8-79 g of CoBr,-6H,O and 0-5 ml of liquid bromine were added and 
allowed to react for four hours with occasional stirring. The solution was filtered and the filtrate 
added with stirring to 300 ml of cold absolute ethanol. The blue green complex precipitated and was 
filtered and washed with absolute alcohol. The product was re-precipitated from the minimum 


J. P. Faust and J. V. QUAGLIANO, J. Amer. Chem. Soc. 76, 5346 (1954). 
»» M. L. Morris and D. H. Buscn, J. Amer. Chem. Soc. 82, 1521 (1960). 
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amount of water with absolute ethanol. The complex was dried over magnesium perchlorate under 
reduced pressure. 

Anal. Calcd. for Na[Co(C,,H,;N.O;)Br];-H,O; C, 27-42; H, 3-56; N, 5-82; Br, 16°59. Found: 
C, 27°59; H, 4:03; N, 5-95; Br, 16°36 

Preparation of sodium hydrogen nitro(propylenediaminetetraacetato) cobaltate(II1)—60 g of 
CoCl,°6H,0 in 25 ml of water was mixed with 7:5 g of PDTA in 20 ml of SN NaOH at room tempera- 
ture. 4-0 g of NaNO, was added, cooled to 0°C. and 17-5 ml of glacial acetic acid was added. After 
forty-five minutes, 10 ml of 5N HCI was added and the solution was treated with a mixture of alcohol 
and ether. On standing for several hours, an oily layer formed. Brown-red crystals separated from 
the mother liquor upon standing in the refrigerator overnight. This product was isolated by filtration, 
washed with absolute alcohol and ether, and dried over magnesium perchlorate under reduced 
pressure. 

Anal. Caled. for Na[Co(C,,H,;N2O,)NO,]: C, 30°65; H, 3-51; N, 9-75. Found: C, 30-86; H, 
3-78; N, 9-85. 

Preparation of disodium bromo(propylenediaminetetraacetato) cobaltate(\11)—0-80 g of sodium 
hydrogen bromo(propylenediaminetetraacetato) cobaltate(III) 1-hydrate was dissolved in 20 ml of 
cold water and 3-35 ml of 0:-5022 N NaOH was added. After five minutes, 500 ml of absolute ethanol 
was added to the solution. The product was treated with a mixture of ethanol and ether and then 
filtered, washed with absolute alcohol, and dried over magnesium perchlorate under reduced pressure. 

Anal. Calcd. for Na.[Co(C,,H,;N.O,)Br]: C, 27-14; H, 2°90; N, 5-76; Br, 16-42. Found: C, 
27:31; H, 3-16; N, 5-63; Br, 16°16. 

Preparation of PDTA and potassium propylenediaminetetraacetato-cobaltate(IIl) 3-hydrate—Both 
compounds were prepared by the method of Dwyer and GARvAN."”’ 
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Lattice energies of the rarer alkali halides 
(Received 5 May 1961; in revised form 7 June 1961) 


THERE is little information yet available on the crystallographic and thermodynamic properties of the 
alkali halides in which the ions Fr*+ and At~ are present; in this paper we present lattice energy 
calculations for the ten alkali halides of this type. 


The lattice energy may be calculated from the equation" 


C /6p D [8p 
me. eng I at ‘max 


t x 


re®\ Fe lo ro 


9 
—-iIn 
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kcal mole 


The values of ry were computed from ZACHARIASEN radii‘ together with a knowledge of the regular 
variation of the interionic distance for a series of alkali halides of the same co-ordination state. These 
results are given in parenthesis in Table 1. 

The remaining values of Table 1 are taken from recent sources of crystallographic data.“ From 
considerations of radius ratio we allot the ‘““CsCl’’ structure to the francium halides and to caesium 
astatide, the ‘zinc blende”’ structure to lithium astatide, and the ““NaCl” structure to the remaining 


‘{) Lapp, M. F. C., and Leg, W. H., (1958) Trans. Farad. Soc., 54, 34 (1958). 
2) ZACHARIASEN, W. H., “The Actinide Elements”, ed. SEABORG, G. T., and KATZ, J. J., p. 623-646, 1955. 
A.S.T.M. Index of X-ray Diffraction Data, A.S.T.M. (1960). 





Notes 


TABLE | EQUILIBRIUM INTERIONIC DISTANCES (ry) FOR THE ALKALI HALIDE SERIES (IN A) 





Li Na b Rb Cs Fr 


2°82 3-00 (3-17) 
3-29 3-57 (3-67) 
3-42 3-72 (3-82) 
3-67 3-96 (4-06) 
(3-75) (4-04) (4-14) 
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alkali metal astatides. The compressibilities were evaluated by extrapolation of those of the appro- 
priate series as a logarithmic function of r, (Fig. 1), and the constants C and D were estimated by 
comparison with these values for the remaining alkali halides, deduced by Mayer." The lattice 


energies so evaluated are: 





FrCi | FrBr| Fri FrAt LiAt NaAt KAt RbAt CsAt 


151] 146 : : 157 147 142 140 kcal/mole 





We have evaluated the terms AH,At~ gas) and AH,(Fr* gas) from the alkali metal astatides and 
the francium halides respectively. Since experimental heats of formation of these crystals have not 
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Fic. 1. Variation of compressibility 6 with interatomic distance for sodium halides, and 
extrapolation to NaAt. 


been reported we have computed them by an extrapolation technique.'’’ The following results were 
obtained, using ro-values appropriate to the same co-ordination state: 





LiAt NaAt ¢. RbAt CsAt 


AH 59 63 ‘ 73 kcal/mole 
\H, (At~ gas) 49 49 46 kcal/g atom 





The second row lists the values of AH,(At-gas) deduced from the Born—Haber cycle; taking the 
mean value AH,(At-gas) 47 kcal/g atom, and the value 27-7 kcal/mole for D(At,),‘® we obtain 
for the electron affinity E(At) 61 kcal/g atom. 

4) Mayer, J. E., J. Chem. Phys. 1, 270 (1933). 


K UBASCHEWSKI, O. and Evans, E. LL. “‘Metallurgical Thermochemistry”, 3rd edn., Pergamon (1958). 
6) Kiser, R. W., J. Chem. Phys. 33, 1265 (1960). 
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Considering next the francium halides, we find the extrapolation for AH, for the appropriate series 
a little less regular, but deduce the heats of formation: 


Fri Frcl FrBr Fri FrAt 





AH, 126 104 95 81 78 kcal/mole 
AH At r*gas) 111 106 107 109 107 kcal/g atom 





The second row lists the values of AH,(Fr*gas) deduced by application of the Born—Haber cycle to 
the data. The mean value of AH,(Fr*gas) is 108 kcal/g atom, from which, together with the value”? 
of I(Fr) = 91-8 kcal/g atom, we find the heat of sublimation of francium metal to be 16 kcal g atom, 
which is uniform with the values for the remainder of the alkali metals. 

C. Lapp 
X-Ray Crystallography Section, and Chemistry Department '. H. L&E 
Battersea College of Technolog) 
London, S.W.11 


7) FINKELNBURG, W., and HumBACH, W., Naturwiss. 42, 35 (1955). 





Heptasulphurimido boron dichloride 
(Received 27 May 1961; in revised form 27 June 1961) 


Secondary orp react with boron trichloride to give dialkylamino boron dichlorides'”, 
probably by way of 1:1 adducts which immediately eliminate HCl. As the secondary amino group 
in heptasulphur imide, S; NH, has been shown to have some donor power’, we thought it of interest 
to determine whether S;NH would react similarly with BCl;, yielding S; NBCly. 

When S,;NH and liquid BCI], were brought together at 0 they reacted, evolving HCl. However, 
it was found necessary to carry out the reaction in CS, solution at —40° in order to control side 
reactions and obtain the product (presumed S$; NBCI,) reasonably pure. Typically, 2 ml pure, dry CS, 
and about 0:8 millimole redistilled BCl,; were introduced into a 10 ml reaction vessel containing about 
0-4 millimole of thrice-recrystallised S; NH (purity established by m.p., IR spectrum" and nitrogen 
analysis). Reaction was complete within a few minutes at —40°. For every millimole $,NH, about 
one millimole BCl; was consumed and about one millimole HCI (identified by IR) was evolved. On 
evaporation at —40° in vacuo, the resulting clear, nearly colourless solution left a mass of yellowish 
needles. The following evidence shows that these probably consisted of nearly pure heptasulphur 


imido boron dichloride, with the structure: 


Cl 


Cl 


Firstly, the substance was rapidly decomposed by moisture. When dissolved in CS, and hydrolysed 
with ice-cold water, it yielded S,NH (identified by IR and quantitative element analysis), H;BOs, and 
HCI in the mole ratio 1:1:2 approximately. (Experimental ratios averaged 0-95:1-00:2-01, with 
little variation). Over 94% of the starting amount of S;NH was recovered from the hydrolysis 


products. 


{) W., GERRARD and M. F. LAppert, Chem. Revs. 58, 1081 (1958). 

2) M. BECKE-GOEHRING, Advances in Inorganic Chemistry and Radiochemistry 2, 164 (1960). 
{3) M. BECKE-GOEHRING, H. JENNE and E. FLluck, Chem. Ber. 91, 1947 (1958). 

‘4) M. GOEHRING and G. ZIRKER, Z. anorg. Chem. 285, 70 (1956). 
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Secondly, the IR spectrum of the reaction product in CS, solution showed no trace of the two 
strong bands of S;NH, nor indeed of any absorption in the usual N—H stretching region. Instead, 
there were two double peaks of comparable intensity, at 961 and 1000 cm’, and 1190 and 1230 cm™ 
respectively. The stronger component of each double peak fell at the lower frequency, and had about 


s the optical density of the weaker component, suggesting that the components originated 
respectively from vibrations of the isotopic atoms B" and B'*. One of these double peaks nearly, but 
yincides with a similar peak in the BCI, spectrum (at 956 and 995 cm~*) which has been 


ILC, COLTIL 


LC 


The compound was very soluble in CS, at —40°, much more soluble than S;NH. It seemed to be 


ibuted to vibrations of the boron atom in the plane of the molecule. 


the solid state at —40°, and did not decompose appreciably in fifteen minutes in CS, solution 
nperature. However, the solid began to bubble slightly and to melt partially at 25°; 0-28 
1eld at 64° for an hour evolved 0-02 millimole BCl;, and became a thick red syrup. This 


proved to contain 70°, of undecomposed starting material, and 30% of a flocculent material insoluble 


CS,. Attempts to recrystallise the new compound from CCl,, or from mixtures of CCl, and CS, 
below —20°, failed because substantial quantities of flocculent, CS,-insoluble materials were formed. 
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Removal of niobium-95 from zirconium solutions with Vycor glass 
(Received 18 May 1961) 


A PROCEDURE was developed for separating niobium-95 from zirconium nitrate-nitric acid solutions 
containing Zr-Nb-95 tracer by using the adsorption properties of glass. In an investigation of the 
solvent extraction of zirconium from nitric acid solutions it was expedient to use zirconium-95 to 
follow the course of zirconium in the systems. Since the solutions were to be used over a period of 
time, a method was desired in which the niobium could be efficiently removed without changing the 
composition of the solutions. Thus zirconium could be determined by simple gross gamma-counting 
techniques. Previous investigators had shown that Vycor (a leached borosilicate glass manufactured 
by Corning Glass Works) will adsorb zirconium and niobium from low nitric acid solutions” and 
that glass wool removes the niobium-95 daughter by selective adsorption from solutions containing 
high nitrate concentrations.'*’ The results presented here show that unfired Vycor glass powder will 
erentially adsorb niobium-95 from high nitric acid solutions and may be used to remove such 


of, 
pref t 
I 


activity from solutions containing zirconium-95 and niobium-95. 

A series of experiments was made in which solutions containing zirconium-niobium tracer in 2 to 
10 M HNO, were passed through 10 mm dia. columns containing 0-5 g of 100-200 mesh unfired 
Vycor glass (Fig. 1). The glass was held in place by a porosity B sintered glass filter and the solutions 
pulled through the glass powder by vacuum. Average flow rates ranged from 0-2 to 0-7 ml/min. Both 
zirconium and niobium were nearly completely absorbed from the 2 M acid solution, but the zirconium 
adsorption decreased as the acidity increased. Separation of the isobars was maximum with 10 M 
HNO dditional time studies with 10 M HNO, solutions showed that of the niobium adsorbed, 

90 per cent was adsorbed in the first 5 min contact 

In duplicate experiments made after these solutions had aged two weeks, the effluent compositions 
agreed within 7 per cent with the values obtained in the first runs. Results from experiments with 
more concentrated acid were very erratic but none indicated a higher degree of separation than that 


H. McVey, “Rare Earth-Actinide Separation by Adsorption,” U.S. Patent 2,903,333, 


NKO, L. N. Lazarev and YA. S. KHvorosTEN, “Separation of Radioactive Indicator Zr-95 
RADIOKHIMIYA 1, 364 (1959). 
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with 10 MHNO,. In qualitative tests, unfired Vycor showed a higher capacity for adsorption of 

zirconium and niobium and a greater potential for separating the two elements than did fired. 
Unfired Vycor has been used to remove niobium-95 from nitric acid solutions containing zirconium 

carrier and zirconium-95. A stock solution was prepared which contained 20 g/l. Zr, ~ 10° c/min per 














Fic. 1.—Separation of niobium-95 from zirconium-95 in nitric acid solutions. 


Adsorbent: 0:5 g of 100-200 mesh unfired Vycor glass powder (No. 7930 Corning Glass 
Works). 

Column size: 8 mm high 10 mm dia 

Zr, c/min per ml: ~2°5 10°. 

Nb, c/min per ml: ~4-5 10°. 

Solution flow rate: 0-2 to 0-7 ml/min. 


ml Zr-95, ~2 10° c/min per ml Nb-95, and 50 g/l. 100 mesh unfired Vycor glass. Prior to use, 
10 ml of solution was decanted from the glass and passed twice through a column 13 mm high by 
10 mm dia. containing | g of finer than 100 mesh unfired Vycor. Next it was passed twice through a 
second identical column. The activity in the effluent was 95 to 99 per cent zirconium, and <1 per cent 
of the zirconium had been removed from the solution. 


Acknowledgements—The author expresses his appreciation to the personnel of the Analytical Chemistry 
Division of Oak Ridge National Laboratory for analytical support. 
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Electronegativities of carbon, silicon, germanium, tin and lead—II 
(Received 21 February 1961; in revised form 16 June 1961) 


IN a recent paper” in this Journal, R. S. DRAGo attempted to show that the electronegativities of 
silicon, germanium, tin, and lead are the same or decrease slightly. In an earlier paper,’*) we presented 
extensive evidence for the alternation of electronegativity values within Group IV—-B. We wish to 
comment upon the claims of Dr. DRaGo. 


1) R. S. Draco, J. Inorg. Nucl. Chem. 15, 237 (1960). 
(2) A. L. ALLRED and E. G. Rocuow, J. Inorg. Nucl. Chem. 5, 269 (1958). 





Notes 


We reported'”’ an electronegativity value of 2:45 for lead and DRAGO commented:'”? 
the larger element with the smaller ionization potential, is more electronegative than 


[he following paradox arises: The more electronegative element lead is more metallic in its 
properties and reactions than the less electronegative element silicon. There is obviously some- 
thing wrong.” 
ficulty here is that a mental picture of metallic lead is being brought into the issue, although 
the question originally was confined’) to the sp* valence states of the Group IV elements. Indeed, a 
considerable discussion of orbital electronegativity’*) was necessary in order to make this important 
point. Lead in the zerovalent or bivalent state is quite different from its congeners, by reason of the 
inert pair of s electrons. This tendency to hold onto its s electrons deprives lead of a tetracovalent 
diamond-structure allotrope which we might compare with elementary silicon. 

Since the ionization potential and electron affinity values for valence states must be employed in 
the method of MULLIKEN and many of these values are not available, we did not calculate electro- 
negativities from ionization potentials. DRAGO writes: . 

‘Although the electron affinity of lead is not accurately known, a reasonable estimate gives lead 

a smaller electronegativity value than silicon. The series then becomes C > Si > Ge » Sn & Pb.” 
The publication of the source and magnitude of the ‘‘reasonable estimate’’ would be informative.*? 

DRAGO mentions, apparently in support of a decreasing order of electronegativity, the order, 
( Si Ge Sn Pb, obtained from an empirical relationship’ involving stretching force 
constants. We discussed this scale of electronegativity but did not draw conclusions from it since the 
relationship predicts'*’ the electronegativity values 3-1 for gold, 2:2 for copper, 1-0 for mercury 
relative to 2:55 for carbon and 1-0 for calcium. 

Considerable space in the recent paper") by DRAGo is devoted to a discussion of the “‘error”’ which 

ises in the calculation of electronegativity of lead from the application of Equation 1, 


E(A-A) E(B-B) 
E(A-B) (1) 





B) is the energy of the bond A—B, E(A—A) and E(B-B) are the energies of the homoatomic 
\ is the ‘‘extra ionic resonance energy.” We did not employ Equation 1. Instead, the 


H, 


n 


A 


1 in the calculation of the electronegativity of lead. (For a discussion of Equation 2, see 

6, and 7.) A recent paper'*) by one of us demonstrates that Equations 1 and 2 give 
ipproximately the same values for A for each of eighteen bonds. The value of the lead—lead bond 
ergy, required in Equation 1, is not known at present, and we did not employ any estimate of it here 


) our thermochemical calculations, a point which seems to have been missed. 


DRraAGO attempted" to explain several phenomena involving compounds of the Group IV-B 


1 terms of orbital overlap. It is our impression that rigorous calculations of overlap energies 
nvolving Group IV-—B elements have not been made. Proof that the low energy of the 
1¢ bond, relative to the tin-chlorine bond, is due to less “‘overlap,”’ as claimed in reference 1, 


2ss ionicity, must await the solution of formidable wave equations. Alternatively, 


irlier paper (R. S. Draco, J. Phys. Chem. 62, 353 (1958)), quoted frequently in 
RAGO writes: “‘The spectral data which are necessary for the calculation of the 
for thallium and for the elements of the carbon family (other than carbon) have not 
value of thallium was estimated from a derived relationship between the second 
| of gallium and indium and the promotion energies of these atoms. In the case of 
irbon family it will be assumed that since the third ionization potentials are nearly 
nergies probably also are. These assumptions are very crude and more experi- 
red before a more reliable decision can be made.” 
. Phys. 14, 305 (1946). 
f the Chemical Bond, Chap. 2, Cornell University Press, Ithaca, New York (1939). 
hys. Radium, 7, 7 (1946). 
H 
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one could argue that the bonding orbitals of lead do not overlap well with the bonding orbitals of 
chlorine and that the spacial distribution of the valence electrons of lead in lead tetrachloride, com- 
pared with tin in tin tetrachloride, would be determined more by the nucleus of lead. The attraction 
of valence electrons by nuclei is the essence of electronegativity. In other words, decreasing overlap 
may parallel increasing electronegativity. 

DraGo also stated”? that ‘“‘repulsion of chlorine non-bonding electrons with the non-bonding 
electrons of the Group IV element . . . leads to bond weakening for many Ge and Pb compounds.” 
This statement could appropriately accompany experimental measurement and/or rigorous calculation 
of the magnitude of the repulsion energy of non-bonding electrons. A claim‘) was made that the 
application of Equation 1 in the determination of the “‘covalent’’ bond energy of Ge-—Cl the ionic 
resonance energy would be low due to the energy of repulsion of non-bonding electrons on germanium 
with the non- bonding electrons of chlorine. It should be pointed out that the _delectrons of germanium 
may also lower the energies of the germanium-germanium bonds. The effects, if any, of non-bonding 
electrons should largely cancel with the application of Equation 1. 

For the five series, MCl,, MBr,, MI,, MH;Cl and MH;Br, plots of the nuclear quadrupole 
coupling constant as a function of the electronegativity difference, 74 — zx, were linear. In 
reference 2 the linear relations were ‘‘attributed either to the electronegativity order carbon 
germanium tin silicon, or to a different electronegativity order (say of PAULING, carbon 
silicon germanium tin) and different relative contributions of s-hybridization and double 
bonding for silicon and for germanium and tin.’’ We consider now, as then, that the former ex- 
planation is highly probable. 

DRAGO attempts to explain the chemical shifts of the series, M(CH;),, in terms of changes in the 
hybridization of carbon within the series. His argument follows: The weaker the M-C bond, the 
larger the s character in the carbon hybrid orbital of the C—H bond, the less the shielding of hydrogen. 
DrAGO quoted the AH® values 233-7 kcal/mole, 200-3 kcal/mole, and 192-7 kcal/mole, for SiCl,,g) > 
Siig) + 2Clag), GeCl gg) > Gerg 2Cloig), and SnClyg) > Smg) + 2Cla:g), respectively; and we 
report'?’ proton chemical shifts of 189-8 c/s for tetramethylsilane, 184-7 c/s for tetramethylgermane, 
and 188-0 for tetramethyltin in dilute solutions of carbon tetrachloride with respect to water at 40 Mc. 
One may readily note that the explanation in terms of bond strengths is not consistent with these data. 

It has been pointed out that “there is a possible error in the extrapolation of the Sn(CH;), value in 
ALLRED’s and ROcHOw’s paper. The possible error in this number, plus possible contributions from 
other factors affecting chemical shift, make this a most unconvincing argument for Si, Ge, and Sn.”’®? 
A new 0:5% solution of Sn(CH3),4 in CCl, has therefore been prepared, and the chemical shift has 
again been measured, in a different laboratory. The previous extrapolated value was found to be 
correct. The ‘‘other factors” are unknown to us. 

One may correlate the chemical shifts of the tetramethyl derivatives of the Group [V—B elements 
with the electronegativities of these elements in terms of simple inductive effects or of inductive 
effects coupled with isovalent hybridization. For a discussion of the relationship between isovalent 
hybridization and electronegativity, see reference 10. An increase in the electronegativity of M in the 
linkage H—C-M, leads to an increase in the s character of the orbital from carbon to hydrogen.,'?® 
Therefore, according to this argument, an increase in the electronegativity of M causes decreased 
shielding of the proton and a chemical shift to a lower magnetic field. Indeed, our paper’ took the 
pragmatic view that if electronegativity is “‘the power of an atom in a molecule to attract electrons to 
itself” (PAULING’s definition), and if NMR chemical shift measures electron density, then it is a means 
of comparing electronegativities. DRAGO’s statement that ‘‘a large nuclear attraction for the bonding 
electrons is the essence of a large electronegativity’” would seem to reinforce that view. 

Lastly, by quoting out of context the statement of a colleague, DRAGo indicates‘ that we are 
“foolhardy” to try to explain chemical behaviour by using the results of our measurements.'*? We 
take the view that it is the purpose of chemical theory to explain and predict chemical facts. The 
established chemical facts'*) are that germanium in sp* hybrid states behaves as a more electronegative 
a than silicon, and no new experimental evidence of any sort is reported in DRAGO’s paper. 

e believe (1) that there is no such thing as intrinsic electroneg ativity of an element, (2) that the 


Po -> of orbital electronegativity leads to the relative values of electronegativity for sp* states of 
C 2-60, Si 1-90, Ge 2-90, Sn1-93 and Pb 2:45, based on a wide variety of physical and chemicalevidence, 


{9) R. S. DRaGO, private communication to A. L. A. 
(20) H. A. BENT, J. Chem. Phys. 33, 1258 (1960). 





Notes 


othing is achieved by an adherence to the view that despite all evidence the electronegativities 
of the elements in any group should decrease monotonically, (4) that such a view belies the fact that 
nany heavy elements (such as Ir, Pt, Au, Hg, Pd, and Ag) are more electronegative than their lighter 
ners, and (5) that such deviations from a general trend actually lend individuality to the elements, 


ye emphasized as a means of encouraging further study and explanation. 
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A new radioisotope, }”’Ta 
(Received 20 February 1961) 


RECENTLY FALER and RASMUSSEN"? have described the production, by ‘*N ion bombardment of 
holmium, of **°Ta, **Ta and '*Ta with half-lives of 11, 1-3 and 3-7 hr respectively. We have looked 
for more neutron-deficient isotopes produced by spallation reactions in hafnium. 

One milligram samples of hafnium dioxide [containing 0-6 % Zr] were irradiated for 30 min with 
a 1 uA beam of 230 MeV protons. A radiochemical separation and purification of tantalum was 
carried out and the tantalum finally purified by extraction from 12 N sulphuric acid plus 0-4 N hydro- 
fluoric acid solution into di-isopropyl ketone. This extraction would virtually eliminate any small 
amount of radioniobium isotopes derived from zirconium. The method is similar to that of STEVENSON 
and Hicks."*) Separations were completed about 40 min after the end of the irradiations. 

The shortest-lived tantalum isotopes produced should be 1:3 hr **Ta and 9 min '7°Ta, which 
would have virtually disappeared before counting commenced. All our samples, counted with 
various techniques, showed a new activity with a half-life of somewhat over 20 min. The maximum 








= 
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Fic. 1.—Decay of y-rays of energy above 1 MeV from radiotantalum isotopes after correction for a 
weak 53 hr activity. Zero time is 42 min after the end of the irradiation. 


ratio of this to the other activities was obtained by counting on a Na I [TI] y-scintillation spectrom- 
eter with bias sufficient to eliminate y-rays of less than 1 MeV. Fig. 1 shows the decay curve 
obtained. Apart from a weak activity assigned to 53 hr *’’Ta, the decay may be analysed into half- 
lives of 24 min, 1-15 hr assigned to '*Ta, and 8-0 hr assigned to '76Ta or '8°Ta [WILKINSON) finds 
y-rays above 1 MeV for these two latter isotopes, but these have not been reported by other workers, 
and the evidence at present seems to be inconclusive]. Similar results were obtained with a bias of 
0-6 MeV, and also by using a Geiger counter to detect the radiation filtered through 900 mg/cm? of 
(1) K, T. FALeR and J. O. RAsMussEN, Phys. Rev. 118, 265 (1960). 


(2) P, C, STEVENSON and H. G. Hicks, Analyt. Chem. 25, 1517 (1953). 
(3) G. WILKINSON, Phys. Rev. 80, 495 (1950). 
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aluminium. The mean of five determinations gave a half-life of 23-6 1-2 min [standard deviation] 
for the new activity, and four determinations gave 1-08 + 0-05 hr for the next longest activity, which 
S presumably "Ta 

The decay of the total radiation measured with a Geiger counter showed a similar new short 
ictivity, but analysis of the curves was more difficult owing to the presence of additional components 
such as 2:1 hr '**Ta 

The decay of the y-radiation was also studied using a y-scintillation spectrometer and a fifty- 
channel pulse-height analyser. The spectrum of the shorter components, above 0-5 MeV, was 


complex and could not be fully resolved. There was, however, a prominent 0-51 MeV annihilation 


peak whose intensity was measured by determining the area above a fixed base line according to the 
method of Covet’. The intensity decayed with a half-life of 1-1 hr without any indication of a 
shorter period. This is consistent with the known position emission of '*Ta. The new 23-6 min 
tantalum therefore appears to decay by electron capture, with y-ray emission, and its most probable 
assignment is to Ta, decaying into 5 year '**Hf, which would not be observed. An assignment to 


Ta is unlikely since an activity of 12 or 16 hr due to '*!Hf could not be observed in the decay. 
Department of Inorganic and Physical Chemistry F. D. S. BUTEMENT 
The University, Liverpool G. B. BRISCOE 

Chem. 31, 1785 (1959). 





A novel heterocyclic cobalt compound* 
(Received 17 April 1961) 


We have recently shown that the reaction between iron pentacarbonyl and tetrafluoroethylene 
affords the heterocyclic iron compound (CF,),Fe(CO),.""’ In this letter we report compound I as a 
sroduct of the reaction between cyclopentadienylcobalt dicarbonyl and tetrafluoroethylene. The two 
carbonyls thus display analogous behaviour towards tetrafluoroethylene, forming heterocyclic metal 
complexes. We have recently drawn attention to certain other similarities between the chemistry of 
iron pentacarbonyl and cyclopentadienylcobalt dicarbonyl." 


Tetrafluoroethylene (16:1 g, 0°16 mole) and cyclopentadienylcobalt dicarbonyl (6:2 g, 0-036 mole) 
were placed in a 150 ml steel bomb with cyclohexane (20 ml), and heated at 160° for 20hr. The 
carbon monoxide formed was vented and the bomb was rinsed with dichloromethane. Filtration 
gave a red-brown solution, which was concentrated by removal of dichloromethane to a red-brown 
oil and a solid. These were taken up in a dichloromethane-pentane mixture, chilled to —78° and the 
crystals which formed were filtered. A second recrystallization, followed by sublimation (70°/0-1 mm) 

> 1-4 g (11 per cent yield) of I, as an air-stable pale yellow solid, m.p. 106-107° (Found: C, 33-9; 

5; F, 41-7; Mol. Wt., 353 (isopiestic). Calc. for CygH;Fs0Co: C, 34:1; H, 1-4; F, 43-2; Mol. 

_ aoe 

The infra-red spectrum of I (sodium chloride optics, tetrachloroethylene solution) shows a single 
carbonyl stretching band at 2085 cm~*. Throughout the region 1300-800 cm? the spectrum of I is 


* We are indebted to the National Science Foundation for support of this work under Grant 14610. 


1) T. A. MANUEL, S. L. STAFFORD and F. G. A. STONE, J. Amer. Chem. Soc. 83, 249 (1961). 
2) R. B. Kina, P. M. Trercuet and F. G. A. Stone, J. Amer. Chem. Soc. in press. 
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very similar to that of (CF,),Fe(CO),, as would be expected from the structural similarity. Principal 
absorptions in the two complexes occur as follows (carbon disulfide solution): 

1: 1337 (m), 1260 (m), 1226 (w), 1165 (vs), 1097 (s), 1053 (m), 968 (vs), 904 (vs), 845 (m), 834 (w). 

(CF,),Fe(CO),: 1333 (m), 1261 (m), 1222 (w), 1163 (vs), 1098 (s), 1062 (s), 965 (vs), 904 (vs). 

The '*F n.m.r. spectrum of I,* in accord with the structure proposed, consists of two distinct 
multiplets centered at 67:5 and 135 p.p.m. on the high-field side of trichlorofluoromethane. This 
spectrum is distinctly different from that of the heterocyclic complex (CF,),Fe(CO), in which the 
metal atom is symmetrically substituted. The spectrum of (CF,),Fe(CO), consists of two triplets of 
equal intensity at 70-6 and 136-9 p.p.m., with separations indicating a spin coupling constant of 
2-4 cps between fluorine atoms at the «- and /-positions. In the spectrum of I, on the other hand, 
the 67-5 p.p.m. multiplet, attributable to the «-fluorine atoms, is basically an AB pattern,‘* indicating 
that the asymmetrical arrangement of ligands around the cobalt atom produces non-equivalence 
between the fluorine atoms on opposite sides of the ring. The two low-field members of the AB 
quartet are split further into doublets with a separation of 4-3 cps, independent of the applied field, 
suggesting that one of the fluorine atoms is spin-coupled to only one fluorine atom in the /-position. + 
From the observed line separations in the 56-4 Mcps spectrum, assuming the «,/-interaction to be 
first order, the chemical shift between the two «-fluorine atoms is calculated, by simple AB theory, to 
be 354 cps (6:27 p.p.m.), and the coupling constant 218 cps. The corresponding values calculated 
from the 40 Mcps spectrum are chemical shift = 250 cps (6:25 p.p.m.), and J = 218cps. The 
agreement thus supports the interpretation of this portion of the spectrum. 

The proton n.m.r. spectrum of I measured at 60 Mcps in CDCI, solution showed a single line 
attributable to the protons of the cyclopentadienyl group at 5-43 p.p.m. below tetramethylsilane. 
It is of interest to compare the position of this proton resonance with that observed at 5-65 p.p.m. in 
the spectrum of C;H;Co(CO)(C;F,)I, and that observed at 4:92 p.p.m. in the spectrum of 
C;H;Co(CO),.? 


T. D. CoyLet 
Department of Chemistry R. B. Kinc§ 
I 
S 


. PITCHER 

. L. STAFFORD 
>. TREICHEL§ 

. G. A. STONE 


Harvard University 
Cambridge, Massachusetts 


* Measured at 56:4 and 40 Meps in tetrahydrophuran solution (concn. 14%) using a Varian Model 
4300B high-resolution spectrometer. 
+ Similar behaviour has been observed in a number of cyclic fluorocarbons, as discussed in reference 4. 


t General Electric Educational and Charitable Fund predoctoral fellow. 
§ National Science Foundation predoctoral fellow. 
Natvar Corporation predoctoral fellow at Harvard University. 


(9) J. A. Popte, W. G. SCHNEIDER and H. J. BerRNsTEIN, High-resolution Nuclear Magnetic Resonance, 
McGraw-Hill, New York, 1959, p. 119. 
“) W. D. PuiLuips, J. Chem. Phys. 25, 949 (1956). 





The instability constant of chromium azide 


[(Cr**](N37] .. 
——— from 
[(CrN3?*] 


the optical densities of solutions made up of chromic nitrate and sodium azide, which were measured 


IN a recent paper," SHERIF and ORABY calculated the instability constant K 


against a blank of chromic nitrate. 

~ The basic nature of sodium azide causes an increase in the pH of the solution, and thereby an 
appreciable hydrolysis of the chromic nitrate. The pH of the blank solution should be increased 
accordingly. A solution of 0-006 M chromic nitrate having an initial pH of 3-2 attained a pH of 4:8 


(1) F, G. SHerir and W. M. Orasy, J. Inorg. Nucl. Chem. 17, 152, (1961). 
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tion of 0-036 M sodium azide (solution (LI) in reference (1)). A blank solution of 0-006 M 
rate and sufficient NaOH to increase its pH to 4-8 was prepared and found to be deep 
uur. This colour is due to the Cr(H,0);OH** ion and other hydrolysis products of the 

which constitute the main part of the Cr at this pH. The solution had two absorption 

th peaks at 435 my (log J,/7 = 0-170) and 585 my (log Jo/J = 0-105) while the azide solution 

40 mye (log Jo/J = 0-310) and 592 my (log I,/7 = 0-295). The uncomplexed chromium 

de solutions exists in the same hydrolysed form as in the blank, and therefore accounts for a 
derable portion of the total optical density of the solution. 

lrolysis constant of chromic ion‘®’ and the acid dissociation constant of hydrazoic acid 

ve a value of K from optical density and pH data of chromic-azide and chromic 

Unfortunately, even these precautions will not lead to correct results, because at 

th pH values of these solutions (pH 4), polynuclear chromic species are formed at an appreci- 

5) This can be illustrated by the continuous fall of the pH of the 


e hi 
ns 


rate and to a large extent 


Il) and the blank solution 
to get reliable data of K, solutions of higher acidity should be used, in which the con- 


In order 


centration of polynuclear species is small. In such solutions the attainment of equilibrium of the type 
Cr(H,0) X- = Cr(H,O);X? H,O 


but tl 


1is might be overcome by use of higher temperatures or by measurement of the 


tes of the forward and reverse reactions 
; ; M. ARDON 
Department of Inorganic and Analytical Chemistry 


The Hebrew University of Jerusalem 


BJERRUM, ef al., Stability constants of metal ion complexes, Pt. II, p. 7, Special pubin., No. 7, The 


1ical Society, 1958. 


As reference 2, page ry B 
*) H. T. HALt and H. Eyrina, J. Amer. Chem. Soc. 72, 782 (1950). 

J. A. Laswick and R. A. PLANE, J. Amer. Chem. Soc. 81, 3564 (1959). 

C. Postmus and E. L. Kino, J. Phys. Chem. 59, 1208-1221 (1955). 
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BOOK REVIEWS 





L. H. Anrens and S. R. TAyYLor. ‘Spectrochemical Analysis’ (Second revised edition). Pergamon 


Press, London. £5 5s. 


THE AUTHORS have concentrated on two aspects of spectrochemistry with restrictions in both the 
materials and the excitation methods. The materials with which they are mainly concerned are 
non-conducting or non-metallic samples such as minerals, rocks, meteorites, soil, refractories, slag 
and biological ash, with emphasis on the first four. Moreover, they are only concerned with anaiysis 
by use of the D.C. arc and exclude therefore other spectroscopic excitation sources such as the flame, 
A.C. arc and spark. The D.C. arc usually gives satisfactory accuracy, with determinations within 
2-10 per cent of the correct amount. In addition, it is simple, inexpensive and easily operated with 
high sensitivity. 

A general section begins with a brief description of the D.C. arc discharge and an even briefer 
chapter (two pages) on the associated generator. The origin of spectra are summarized and consider- 
able space is devoted to sample preparation. Two chapters deal with qualitative analysis and diffi- 
culties arising from selective volatilization respectively. The general principles of quantitative analysis 
are discussed and the use of an internal standard is described. Further chapters discuss the effect of 
change of matrix on line intensity, enrichment procedures, construction of calibration curves for 
intensity measurement and a shorter section on band spectra. 

About 40 per cent of the book is devoted to these discussions on general principles and the second 
part is devoted to a detailed discussion of the particular elements assembled in groups. An appendix 
making up about 20 per cent of the book is devoted to wavelength tables (similar in style to those in 
Brope’s *““Chemical Spectroscopy”’) of the most sensitive lines of the elements in the arc with possible 
interfering lines within } A of each sensitive line. An extensive bibliography containing some 950 
references forms the remaining 10 per cent of the book. 

In addition to revision of some of the parts and an extension to the bibliography, the main differ- 
ence between this edition and that published in 1950 is the greater emphasis placed on the use of 
spectrochemical techniques for estimating elements of comparatively high concentrations, the 
development of general, sensitive methods by means of which many elements may be accurately 
estimated in a single operation and the use of enrichment techniques to extend detection limits for 
large factors 

The choice of the title can be subject to some criticism because it implies a wider survey of the 
subject than is actually given in the text. Admittedly, a sub-title shows the restriction to the D.C. arc 
analysis but this is not always quoted in library lists. The authors have already saved space by the 
exclusion of instrumentation. One wonders if the chapter on “The Origin and Interpretation of 
Spectra’’ could also be exluded for a similar reason. It is not Jong enough to give anyone an appreci- 
ation of the theory of spectra and may indeed cause some confusion. One would prefer to see energy- 
level diagrams with the ground state given as 0-0 cm™ and the levels increasing in value above this. 
In the chapter on determination of the halides, fluorine and chlorine, the limitation of the D.C. arc is 
very evident and the reference to one piece of work on the hollow cathode means of excitation 
underestimates the power of this method (cf. F. T. Birks, Spectrochemica Acta 6, 169 (1954)). There 
is no detailed discussion of the Russian ‘‘evaporation’’ methods for dealing with impurities in the 
actinide series of elements and no mention of the iron flux method developed in the Chemical Inspec- 
torate Laboratory at Woolwich (A.E.R.E. Report AM 46), although admittedly these have been 
applied more to the estimation of impurities in metals. It is surely time that the painstaking work of 
GATTERER and his colleagues at the Vatican in cataloguing spectra should be recognized so that 
references to the tables should appear among those listed in the books on spectroscopy and wavelength 
tables at the beginning of the bibliography. In other respects, the list of references is very impressive 
and includes a large amount of Russian work. The inclusion of data from the recent publication 


by KNISELEY, FAsseL and Lentz of misidentified lines in the rare earth spectra, is also useful. 
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ticisms are minor and the book is to be recommended to practising spectrochemists. It 
ilar application to those dealing with non-metallic materials and the increasing industrial 
ic materials where their favourable high temperature properties are advantageous will 
extend the number of such analysts. Some of the discussion on the interaction between the various 
n the matrix may have a salutary effect on the statements made by the more optimistic of 
ormally restrict their attention to metals. Perhaps another use will be to emphasize the 
basic research needed in the spectrochemical field since the effect on the spectra of one 
in a mixture is not properly understood and is probably the main cause of 
1 spectrochemical analysis 


BOVEY 


rhe Russian Journal of Inorganic Chemistry, January, 1959. Published in a cover-to-cover translation 


y the Chemical Society, London, Cleaver-Hume Press Ltd 


ew issue of a scientific journal there are always some articles we pass over with scarcely a 


nce, some we scan through with interest, and some we read with avidity, missing no word 
appraising the experimental work down to the last detail (in the all too rare cases where 
not been omitted), scrutinising the graphs carefully, and subjecting the whole to 
irds of professional criticism. Even to skim rapidly through a journal in a foreign language 
i fair vocabulary and fluency in translation: to read an article critically demands in addition 
1 of accuracy 
1any English speaking chemists are now studying Russian, the effort which must be 
» achieve the desirable fluency and accuracy of translation is not inconsiderable and the 
ible only at the expense of other and perhaps more rewarding activities. In such circum- 
mind the rapidly increasing output of important papers in Russian, the 
lation of the Russian Journal of Inorganic Chemistry (Zhurnal Neorganischeskoi 
nts a truly important contribution to western science. Made possible by the far-sighted 
Department of Scientific and Industrial Research, the translations are made by a 
1d the manuscripts edited by Prof. P. L. RoBINsoN before publication by the 
iety of London. Every attempt will be made to minimize the interval between the 
of the Russian original and the English translation. 
nber for January 1959 (105 pages) contains translations of 46 papers and a report of the 
ress of the Communist Party of the Soviet Union which outlines the fields in which inorganic 
should make advances in the period 1959-1965 and concludes with the words ‘‘Soviet 
knowledge to solving these problems . . . and to carrying out the broad 
ymunism in our country.”” The papers cover a wide variety of topics e.g. 
+), preparative studies (8), ionic equilibria in solution (2), kinetics 
rtion are devoted to descriptions of various ternary systems (7) or other phase-rule 
Analytical applications of ion-exchange resins and of polarography form the subject of 
among papers of more academic interest are accounts of the structure of phos- 
its derivatives, and of the determination, by optical methods, of the structure of 
yunds of pall 
gination of the original, and a few spot-checks confirmed the 
racy of the translations. The reproduction of the MSS is excellent and 
ite diagrams of the original are faithfully reproduced. This venture is both timely 
t deserves world-wide support 


H. IRVING 
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CHANGE OF THE DEGREE OF POLYMERIZATION 
INDUCED BY NEUTRON IRRADIATION IN 
VARIOUS CONDENSED PHOSPHATES 


M. SuIMA and S. UTSUMI 


Department of Chemistry, Ochanomizu University, Tokyo 


(Received 13 October 1960; in revised form 8 February 1961) 


Abstract—Powdered crystals of several kinds of chain and ring phosphates were irradiated at thermal 
neutron flux 5 x 10" neutrons cm~* sec~’ for 6 hr. The irradiated samples were analysed using the 
combined techniques of refined paper chromatographic separation and radiochemical analysis. It 
was established that both degraded and polymerized products were always formed at tracer con- 
centrations, though not detectable by ordinary chemical analysis. The degree of polymerization 
undoubtedly changed through hot atom reactions. The behaviour of various species of phosphates 
and irradiated products were discussed. 


IN 1940, a report by Lippy” on the hot-atom chemistry of phosphorus was included 
in his general description of reactions of high energy atoms produced by slow neutron 
capture. The studies on phosphorus were extended by SELLers et al.) It was found 
that the highest oxidation state of phosphorus, viz. the PO, radical, is so stable, that 
not more than traces of reduced forms were found on irradiation with neutrons. In 
more recent studies“) these workers paid special attention to possible disruption and 


polymerization reaction of PO, groups in several kinds of chain and ring phosphates. 
No detectable change of the degree of polymerization was ascertained positively, 
although small yields of irradiation products were left unidentified. 

These conclusions were essentially confirmed for macroscopic quantities of 
phosphates by the present authors using the combined techniques of refined paper 
chromatographic separation and radiochemical analysis. However, at tracer con- 


centrations proof was found for the initiation of disruption and condensation reactions 
by the activated atoms. 

Condensed phosphates are, in general, quite stable in their crystalline state and 
react only at high temperatures. In aqueous solutions degradation reactions always 
proceed sooner or later and essentially no polymerization takes place spontaneously. 
The chemical reactions reported here are, therefore, of considerable interest. The 
energy liberated following neutron capture disrupts the P—-O—P linkages and the 
activated radicals thus released recombine. The nature of the condensation products 
is discussed on the basis of their specific hydrolytic behaviour in aqueous solutions. 


EXPERIMENTAL 


Materials. The following condensed phosphates were used: 

1. Chain phosphates: Na,H,P,0,°6H,O, Na,H,P,0;, Na,P,0;10H,O, Na,P:0;, Na;P;04)°6H,O, 
Na;P;0,9 type I and Na;P;O,, type II. 

2. Ring phosphates: Na;P;0,6H,O, Na;P;0,°3H,O, Naj;P;0,, Na,P,O,..4H,O and Na,P,O,». 
1) W. F. Lipsy, J. Amer. Chem. Soc. 62, 1930 (1940). 

(2) P. A. Seccers, T. R. Sato, H. H. Strain, J. Inorg. Nucl. Chem. 5, 31 (1957). 

3) T. R. Sato, P. A. Se_cers, H. H. STRAIN, J. Inorg. Nucl. Chem. 11, 84 (1959). 


] 
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All the samples, except the tetrametaphosphates, were prepared by thermal dehydration and recrystal- 
lization of Na, HPO,, NaH,PO,, or a mixture of the two, according to the method of BELL.’ Thus, 
for example, Na,P,;0,°6H,O was made by adding saturated sodium chloride solution to a concentrated 
solution of crude NasP;O, (prepared by thermal dehydration of Na,HPO, at about 530°C). Pure 
NasP,0,'3H,O was prepared by recrystallization of the crude anhydrous salt in a methanol—water 
mixture. The pure anhydrous compound was obtained by drying the hexahydrate at 90-100°C toa 


constant weight. 
Na,(PO;),4H,O was prepared from Cu(NO;), and HsPO, by the method of ANpREss ef a/.‘°) The 
anhydrous tetrametaphosphate was obtained by drying the tetrahydrate at 90-100°C. 


Front 








Fic. 1.—Distribution of **P activity on a paper chromatogram. Irradiated sample: 
Anhydrous sodium trimetaphosphate Na,(PO3;)3. 
(a) Record of an autoradiograph 
(b) Record of an automatic scanner 


Purity of the samples was tested not only by the method of chromatographic separation and colori- 
metric analysis but also by activation analysis, as explained later. The results are shown in Fig. 3 
(I-V). 

Apparatus. The **P activity regions on the paper chromatograms were located by an automatic 
scanner (Nihon Musen Irigaku Kenkyujo Co., Ltd.) equipped with a dead shield and a 2 mm width 
slit. The apparatus consists of a strip feeder, Geiger-Miiller counter, rate meter and a recorder. The 
strip feeder and recorder were both run at 12‘5 mm min~. A typical scanning curve is compared with 
the autoradiograph of the same sample in Fig. 1. 

Autoradiographs were prepared by using the paper chromatograms to expose high speed, non- 
screen type of X-ray films (Konishiroku Photoindustry Co. Ltd.) for 1, 6, 20, 24, 45 and 48 hr. 
Several examples of films developed after 45 hr exposure are shown in Fig. 2. 

For a more precise determination of activity on the chromatogram, the zones corresponding to 
various species of phosphates were cut out of the paper and their activities determined by counting 
with a Geiger-Miiller tube and a 1000 scaler made by the Institute of Physical and Chemical Research, 
Tokyo. Location of the zones was effected by comparison with scanning curves and autoradiograms. 


” R. N. BELL, Jnorganic Syntheses Vol. 3, pp. 99-106. (1950). 
K. R. ANDRESS, W. GEHRING, K. FISCHER, Z. anorg. Chem. 260, 331 (1949). 
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Change of the degree of polymerization induced by neutron irradiation 


Procedures. Powdered sample crystals were wrapped in paper, put into polyvinyl envelopes and 
then placed in a polyethylene container. Irradiation was carried out for six hours in the Irradiation 
Hole No. 3 of the nuclear reactor JRR-1 (homogeneous solution type) of the Japan Atomic Energy 
Research Institute at Tokai, Ibaraki. No measure was taken to cool or to evacuate the sample 
container. The standard thermal neutron flux of 4-8 x 10 neutrons cm-? sec~! was given at the 
operation of 40 kW hr~’, which was maintained through the irradiation period of 6 hr. 

The ambient temperature inside the hole was between 35 ~ 50°C at this running condition. The 
y-flux was 10* ~ 10° r hr~ according to the position in the irradiation hole at the power level of 
40 kW hr-*. No appreciable change was observed when the separate effect of the y-radiation on 
various phosphate crystals was examined on the other occasion. 

The irradiated samples were allowed to stand for one week in order to “‘cool”’ the activity of **Na 
at room temperature. On the eighth day after the irradiation, the samples were dissolved in water, 
and drops containing 0:01 m mole of phosphorus atom were spotted immediately on filter paper 
strips (Toyo Roshi No. 5B, 25cm x 40 cm) for one-dimensional chromatography. 

Chromatographic separation and quantitative chemical analysis of phosphorus were carried out 
as described by Sima et al.‘®’ Conditions for chromatography were made as follows; Developing 
solvent: A mixture of isopropyl alcohol (70 ml), water (30 ml), trichroloacetic acid (5 g) and con- 
centrated aqueous ammonia (0-3 ml), pH = 1:44. Travelling distance: about 20cm in 7 ~ 9 hr at 
10 ~ 20°C. 

The prepared solutions were left overnight at room temperature, and the chromatographic 
separation and analysis were repeated on the following day. Two sets of results were compared in 
order to test the stability of the products in solutions against hydrolysis. 

Various phosphate species were always identified by means of parallel runs with standard reference 
samples. Search for the compounds of phosphorus of lower oxidation states was not performed. 

Activation analysis was employed in order to check the purity of the samples, thus eliminating the 
ambiguity arising from the possible presence of other species of phosphates before irradiation. Non- 
irradiated control samples were submitted to chromatographic separation in aqueous solution, under 
the conditions employed for the irradiated samples. The resultant chromatograms were dried and 
irradiated. In this case, the developing solvent contained trichloracetic acid. *°Cl(n, p)®°S(n, y)**°Cl 
processes took place simultaneously, so the radiations due to these nuclides (0-049 MeV. f-emission of 
87-0 day half-life for *°S and 0:26 MeV. f-emission of 2:6 = 10° year half-life for **Cl) had to be 
eliminated before the **P activity could be measured. Aluminium shielding foils of 27-42 mg/cm?, 
261-89 mg/cm* and 18-9 mg/cm? were used for the automatic scanner, Geiger-Miiller counter and 
X-ray film respectively. 

RESULTS AND DISCUSSION 

Good agreement was obtained between chemical and activation analyses of the 
non-irradiated samples of all species of phosphates. The results are shown as relative 
distribution of phosphorus in Fig. 3 (I-V). All the samples, with three exceptions, 
were found to be free from contamination, Na,H,P,0, and Na;P;0,, Type II crystals 
contained about | per cent orthophosphate, while Na;P,0,, Type I and II were 
contaminated with about 15 per cent of pyrophosphates; this, however, did not 
affect the results. 

Examination of the samples after neutron irradiation confirmed that any changes 
induced by the hot atom could not be detected by ordinary chemical analysis. In 
contrast, the occurrence of some rearrangement on irradiation was established for 
every case by the automatic scanner and radiographic examination of the paper 
chromatograms. 

The results of the more precise determination of the distribution of *P after 
dissolution and chromatographic separation of the samples are summarised in Fig. 3 
(I-V). 


‘6) M. Suima, K. HamMamoto, S. Utsumi, Bull. Chem. Soc. Japan, 33, 1386 (1960). Cf. J. Chem. Soc. Japan, 
Pure Chem. Sect. 81, 1626 (1960). 
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Sodium dihydrogen pyrophosphates. Na,H,P,0, and Na,P,0;'6H,O were tested. 
The results are shown in Fig. 3(1). The orthophosphates fraction was about 26 per 


‘th for the anhydrous and hydrated crystals. The retention was greater for 
ated crystal. The formation of high polyphosphates was distinctly larger 








Relative distribution of **P activity among various phosphate species produced by 
irradiation of disodium dihydrogen pyrophosphates 
Before irradiation 
After irradiation (immediately after dissolution) 
After irradiation (24 hr after dissolution) 


1s for phosphate species 


2P pyro, 3P tri, 4P tetra, rg penta, 

7P hepta, nP higher polymer, 

4M tetrameta, 
for the anhydrous crystal. A large part of the high polyphosphates which were 
detected in the aqueous solution immediately after the dissolution of the irradiated 
sample disappeared after one night storage, increasing both the orthophosphate 
fraction and the retention. 

Sodium pyrophosphates. Na,P,0; and NayP,0,,10H,O were tested. The results 
are shown in Fig. 3(I]). The retention was markedly greater than that in acid pyro- 
phosphates (over 40 per cent). Polymerization was far limited as compared with acid 
salts. Polymerization to species above the triphosphate was only slight. The amount 
of the tripolyphosphate in the aqueous solution decreased on the following day, 
increasing the retention value. The fact that the orthophosphate fraction did not 
change appreciably during the overnight storage must be an evidence for the absence 
of any extensive hydrolytic effects in solution under our experimental conditions. 
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The hydrated pyrophosphate crystal polymerized less and formed more ortho- 
phosphate than the anhydrous salt did, but the difference was a small one. 

Sodium tripolyphosphates. Na;P,0, 9 Type 1, Na;P3;049 Type Il and Na;P,;0,9°6H,O 
were tested. The results are shown in Fig. 3(II]). The fraction of the high poly- 
phosphates which resulted from the two anhydrous forms of the tripolyphosphates 
amounted to as high as 44 per cent, while that which resulted from the hexahydrate 
form was only | per cent. Almost all of the high polyphosphates which were present 
in the aqueous solutions immediately after the dissolution of the irradiated samples 














4P 5P 6P 3M 4M 


Fic. 3(11).—Relative distribution of **P activity among various phosphate species produced 
by irradiation of sodium pyrophosphates. 


disappeared on the following day, increasing the retention remarkably on the one hand 
and forming many species of chain phosphates of small degrees of polymerization on 


the other. 

Sodium trimetaphosphates. Naz(POQx3)3, Nag(PO3)333H,O and Na,(POs3),°6H,O 
were tested. The results are shown in Fig. 3(1V). The retention was generally small 
for the ring phosphates when compared with that of the chain phosphates. The 
orthophosphate and pyrophosphate fractions were greater for tri- and hexahydrate 
than those for the anhydrous crystal. Besides tripolyphosphate, which results directly 
from trimetaphosphate by ring opening, there are several polyphosphate species 
including conspicuous amounts of tetrapoly- and pentapolyphosphates, and also 
polyphosphates in the case of anhydrous crystal. 

Sodium tetrametaphosphates. Na,(PO 3), and Na(PO3;),4H,O were tested. The 
results are shown in Fig. 3(V). The retention was again small. The hydrated crystals 
degraded more and formed greater amounts of ortho- and pyrophosphates than the 
anhydrous crystal did. While the formation of tetrapolyphosphate was most con- 
spicuous, that of penta, hexa, hepta and higher-chain phosphates was remarkable. A 
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small amount of the trimetaphosphate was also noticed. Such ring formation was 
never observed with chain phosphates. It is postulated that the trimeta ring must 
have originated from the tetrameta ring by splitting one PO, of the ring. 

Stability for hydrolysis was not examined for these samples. 


Na, P,O,, Type I 





No, RO, Type I 








7P nP 3M 4M 


Fic. 3(111).—Relative distribution of **P activity among various phosphate species produced 
by irradiation of sodium triphosphates. 


The following conclusions may be drawn about the hot-atom reactions studied. 
|. Both degraded and polymerized products were found on irradiations with 


neutrons. 
Retention of *P in the form of the original phosphate was better with chain 
than with ring phosphates. 

Polymerization was more marked with chain phosphates. Formation of new 
ring phosphates was never observed. 

Hydrated phosphates showed a lower tendency to polymerize and formed 
larger quantities of orthophosphate. 
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. Acidic pyrophosphates polymerized more easily and showed lower retention 
than normal pyrophosphates. 
Both Type I and II of anhydrous triphosphates showed remarkable degree of 
polymerization. 

. The expected change from trimetaphosphate to triphosphate and from tetra- 
metaphosphate to tetraphosphate were conspicuous, but other changes also 
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Fic. 3(1V).—Relative distribution of **P activity among various phosphate species produced 
by irradiation of sodium trimetaphosphates. 


occurred: especially interesting was the formation of tetraphosphate from 
trimetaphosphate in a fairly good yield. The significance of unexpected 
formation of heptaphosphate from tetrametaphosphate will be investigated. 

. A notable feature of the higher polyphosphates formed by neutron irradiation 
was the comparatively rapid decomposition of their aqueous solutions on 
overnight standing. They were markedly less stable than ordinary high poly- 
phosphates available from other sources (e.g. Graham’s salt, etc.). The relative 
instability may be due to the following factors: first, the degree of polymer- 
ization of the phosphates may be rather small, and secondly, they may contain 
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one or more particularly labile bonds in their linkages. The latter possibility is 
supported by the observation that retention increased in every case on oOver- 


night storage. This suggests that the original radical ions are loosely bonded 


together to form the polymers. Increased retention may mean splitting and 


returning to the original forms. 











nP 3M 4M 


tive distribution of **P activity among various phosphate species produced by 


rradiation of sodium tetrametaphosphates 


It is speculated that the energy liberated following neutron capture by the 
phosphorus atom produces disruption of the P—O—-P linkages, leading to the for- 
mation of active PO, groups. These, in turn, either form an open and shorter 
phosphate chain, which includes orthophosphate, with dissipation of energy, or 
recombine with unreacted or split phosphate radicals to build up chain polymers of a 
rather labile nature. Subsequent disruption of the weak bonds in these polymers may 
explain the production of the original species immediately after irradiation, or 
especially after spontaneous hydrolysis in an aqueous solution. 

Neither ring formation nor branching of a chain in a polyphosphate radical were 
detected by the methods described. 

Induction of any extensive reactions by neutron irradiation leading to the for- 
mation of chemically detectable amounts of products was not observed. 
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RAPID AND EFFICIENT PURIFICATION OF 
AMERICIUM* 
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Los Alamos, New Mexico 


(Received 28 November 1960; in revised form 10 January 1961) 


Abstract—About 200 mg of **‘Am was brought to >99-8 per cent chemical purity by simple ion- 
exchange and precipitation operations. Both dilute and concentrated ammonium thiocyanate solu- 
tions were used as eluting agents in conjunction with cation and anion exchangers to achieve this 
purity. The thiocyanate-resin system was not effective in purifying “““Cm. Even at comparable levels 
of total x-activity, much more thiocyanate decomposition was observed with curium than with 
americium. The “specific activity” or “density” of «-radiation is postulated as the controlling factor. 


MANy methods have been utilized for the purification of americium. Several of these 
were discussed in a recent publication."’ Most of the purification schemes have been 
oriented along two general lines: (1) separation of americium from other actinides at 
the tracer level and, (2) separation of macro amounts of americium from large quanti- 
ties of impurities. Rather surprisingly, only few papers have given the chemical purity 
of the final product. In the tracer studies, alpha-energy analysis was usually used to 
establish separation factors, etc. of americium relative to other «-emitting actinides. 
In the studies involving macro quantities, most of the effort was focused on obtaining 
reasonably high recovery of americium while achieving impurity reductions of the 
order of thousand-fold. In some cases, even though highly purified americium had 
been used in a particular experiment, details of its preparation were lacking. This 
paper will describe a useful method for the ultimate purification of milligram quantities 
of americium. The entire operation can be carried out in a single day once the reagents 
and apparatus have been prepared. 

In connexion with other studies currently under investigation at this laboratory, it 
became necessary to prepare about 200 mg of **'Am of high purity. Several solutions 
of different histories were combined and contained americium of about 98-5 per cent 
However, it was desired 


) 


purity. Details of previous treatment are given elsewhere.” 
to reduce the level of all cations to <0-1 per cent if possible. It was believed that some 


adaptation of the thiocyanate-anion exchanger process?’ might prove the most 


efficient for such a separation. 
EXPERIMENTAI 


Quartz-distilled water was used to prepare all solutions. Quartz-distilled, constant-boiling 
hydrochloric acid was diluted and used for the acid elutions. Ammonium thiocyanate of AR grade 
was used to prepare thiocyanate solutions. Even AR grade ammonium thiocyanate usually gave 


* This work was sponsored by the U.S. Atomic Energy Commission 
1 R. A. PENNEMAN and T. K. KEENAN, The Radiochemistry of Americium and Curium, NAS-NS-3006, 
National Academy of Sciences, Nuclear Science Series (1960). 
D. E. ARMSTRONG, L. B. Asprey, J. S. COLEMAN, T. K. KEENAN, L. E. LAMAR and R. A. PENNEMAN, 
LA-1975 (1956): see also A.J.Ch.E. J. 3, 286 (1957). 
J. S. COLEMAN, R. A. PENNEMAN, T. K. KEENAN, L. E. LAMAr, D. E. ARMSTRONG and L. B. AspPREy, 
J. Inorg. Nucl. Chem. 3, 327 (1957). 
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solutions having a yellow or reddish cast at concentrations of eight molar. It was necessary to pass 
the concentrated thiocyanate solution through ammonium-form cation resin and thiocyanate-form 
anion resin to obtain water-white solutions. All of the thiocyanate solutions were adjusted to pH = 3 
before use. Sodium hydroxide of AR grade was spectroscopically analysed to insure that the im- 
purity limits were as stated. 

The resins were ““Bio-Rad’’ Dowex-50X8 (50-100 mesh) cation resin and “‘Bio-Rad’’ Dowex-1X10 
(100-200 mesh) anion resin. These were water-graded to remove fines and were washed first with 
1 M HCI followed by water. The resins were then treated with 1 M NH,SCN and finally a water wash 
to remove excess thiocyanate. The resins were used in the ammonium and thiocyanate form, respec- 
tively. The columns were made by sealing 22 mm Pyrex tubing to Pyrex Buchner funnels containing 
a coarse frit to support the resin. The resin bed height in both the cation and anion columns was 
3:6 cm. A 1 mm pressure stopcock was sealed below the frit to allow control of the flow-rate. All 
solutions were added batch-wise by means of transfer pipets. All glassware was carefully washed with 
6 M HCl and rinsed with distilled water before use. Because of the y-radiation associated with 200 mg 
of **‘Am (i.e., about 3-4 R), pieces of jj in. sheet lead were cut and bent to form radiation shields 
around the columns or effluent tubes. This allowed easy manipulation of the system and the radiation 
outside the glove box was below tolerance at all times. 

[he initial americium solution was added to the cation resin from 1 M HCl. Approximately ten 
column volumes of 1M HCl was used as a wash at a flow-rate of ca. 3 ml cm~? min-'. Alkali metals 
and alkaline earths are reported to be removed by this treatment.’ A water wash removed excess 
acid, then 1 M NH,SCN was used to elute iron and other thiocyanate complexes from cation resin. 
After about one column volume of | M thiocyanate, the effluent became deep red due to the iron- 
thiocyanate complex and elution was continued until the red colouration ceased. This required ten 
column volumes of thiocyanate solution. No americium was lost in either step. 

The americium was eluted from the cation resin with 8 M NH,SCN; the vivid pink-yellow colour 
of the americium allowed this elution to be followed visually. The elution of the americium from the 
cation resin was carried out at ca. 1 ml cm~? min“. 

The americium solution in 8 M thiocyanate was added directly to the anion resin; it could be 
observed as a reddish band near the top of the column. Elution was continued with 8 M thiocyanate 
at 1 ml cm~? min“ for ca. 30 column volumes to remove the lanthanides from the americium. Some 
evidence has been obtained’ that the slow flow-rate is necessary as the equilibrium between the lan- 
thanides and thiocyanate is not established rapidly. 

The concentration of thiocyanate in the eluting solution was then dropped to 2 M for five column 
volumes. Use of 2 M thiocyanate at this point was suggested by Narro‘® to remove elements such as 
manganese and aluminium, etc. Care must be taken, however, not to elute too much americium with 
this dilute thiocyanate. Approximately 1-5 per cent of the americium in this experiment was eluted 
with the 2 M thiocyanate. This small loss was very acceptable in view of the excellent americium- 
lanthanide separation realized by the anion thiocyanate system. 

The americium was stripped from the anion column with 1 M HCl into a clean polyethylene test 
tube. The same slow flow rate of 1 ml cm~* min~! was used. Americium hydroxide was precipitated 
from the eluate by addition of solid sodium hydroxide to make the final solution 0-1 M and heated to 
promote coagulation. Hydroxide of this concentration should hold aluminium in solution as the 
aluminate ion. The supernatant was removed after centrifugation. The precipitate was washed twice 
with water, heating each time for digestion and the supernatants were discarded. The precipitate 
was dissolved in 1 M HCl. A slight amount of sulphur was visible at this point, undoubtedly formed 
from the degradation of residual thiocyanate by the alpha radiation. This was easily removed by 
filtration through a “‘fine” frit Pyrex Buchner funnel. 


RESULTS OF AMERICIUM PURIFICATION 


Spectroscopic analyses were carried out on samples taken from various stages of 
the purification. The samples were removed by Pyrex micropipette and evaporated 
immediately on the copper electrodes which were to be used for the copper spark 


*) A. CHETHAM-STRODE, JR., Report UCRL-3322 (1956). 
J. S. CoLEMAN, Los Alamos Scientific Laboratory. Unpublished results (1959). 
K. Naito, Report UCRL-8748 (1959). 
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TABLE 1.—SPECTROSCOPIC ANALYSES OF AMERICIUM; VALUES ARE PER CENT 
IMPURITY IN AMERICIUM EXCEPT AS NOTED 





Effluent from Final americium solution 
— Pe a cation column (After hydroxide precipitation 
(wt. %) (8 M NH, SC N) and dissolution) 
7 (Wt. %) (Wt. %) (Atom %) 


Initial 


Mg 0:04 0-03 03 
Al 0:05 0-05 0:45 
Ca 0:5 0:05 0:3 
Fe 0-05 

La 0:5 2 0-03 0-05 
Ba 0-005 0-003 0-005 
Pb 0:5 2 

Sr 0-005 0-01 


Total metallic impurities = 0-168 1-12 





The following elements were below the limits of detection: Be, B, Na, Si, Sc, 
Ti, V, Cr, Mn, Co, Ni, Y, Zr, all lanthanides except lanthanum as noted and Th. 





NOTE: Comparable yields and purification were recently obtained at this labora- 
tory with milligram quantities of ***Am 


spectroscopic determination. It has been shown"? that no detectable levels of contami- 
nants are introduced by this technique. The copper electrodes were mounted in a 
special lucite container fitted with a quartz window for the actual analysis. 


The results of these analyses are listed in Table 1. Overall chemical yield of the 
americium was 96:3 per cent and the final solution contained americium of 99-83 per 
cent purity. 

FAILURE OF THE SYSTEM WITH **Cm 

The same techniques as reported above were used in an attempt to purify ca. 22 mg 
of “Cm which contained 10 per cent total lanthanides and ca. 5 per cent other metallic 
impurities. However, considerable bubble formation was observed in the anion column 
and decomposition of the thiocyanate produced much more free sulphur than was 
observed with americium. The slow flow-rate of 1 ml cm~? min promotes the decom- 
position, but is necessary because of the slow equilibrium as stated above. 

The «-activity of 200 mg of *4'Am is 1-4 « 10" «/min. The 22 mg of “Cm has 
ca.4 x 10" «/min; therefore, the total «-radiation is evidently not the adverse factor. 
In fact, we originally used the thiocyanate method successfully with 4 g of !Am 
which emits 2-8 x 10 «/min. It is being used elsewhere today to purify commercial 
quantities of americium.®:* 

However, the specific activity of “Cm is some twenty-six times as great as “'Am. 
The correspondingly greater «-radiation density in the surrounding solution must lead 
to enough bubble formation or thiocyanate degradation to prevent equilibrium from 
being established. Also, the 22 mg of “Cm, in the same trivalent state as americium, 
would be sorbed on a much smaller quantity of resin than ca. 200 mg of americium. 

*”) O. R. Sim, Los Alamos Scientific Laboratory. Private communication (1960). 
*) V. A. RYAN and J. W. PRINGLE, RFP-130 (1959). 


‘9) W. M. Bowes, Paper presented at the 138th Meeting of the American Chemical Society, New York 
City, September 1960; see also Chem. Engng. News. 38, 114 (1960). 
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lherefore, the radiation density per unit volume of resin phase and the surrounding 


solution was increased proportionally. In any event, the thiocyanate system was not 
ective in removing lanthanides from *“Cm at total alpha levels much less than those 


7. 


it which *4!Am is readily purified. One would anticipate that **Cm would be even 
worse with respect to thiocyanate decomposition. 
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THE VAPOUR-PRESSURES AND OTHER PROPERTIES 
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Abstract—Vapour-pressures of ReF, and ReF; have been measured. The vapour-pressures are 
; : he 2303-6 

represented by the following equations: ReF,: solid I (—10-4 3°45°C) logio p 
c - aes 1765: 

0-8327 log,, 7 12-70721; solid IL (—3-45°-18-5°C) logy, 

= : 1956-7 " 

9-12298; liquid (18-5°-48-06°C) log,, p 3599 logio 7 18:20814. ReF,;: solid 
2205-8 d 


14-47°-48-3°C) logis p —=> 1-4703 log,, T 13-04321; liquid (48-3-74-61°C) logy» p 


S10 
244-28 
9-90825 log 


4 " 
P + 0-1790 logy, 7 


T — 21-58352. Values for the heats of vaporization and heats of transi- 


. 510 


tion are given. ReF, undergoes a solid-solid transition at 3-45°C and melts at 18-5°C. ReF; 
melts at 48-3°C. Some chemical properties of these compounds are described. 


THE first identification of rhenium heptafluoride (ReF;) has been briefly reported 
previously.”) An examination of its properties indicated that earlier descriptions’? 
of rhenium hexafluoride (ReF,) had actually dealt with preparations of ReF, admixed 
with small quantities of ReF;. The scope of the present work was to measure some of 
the properties of these compounds and to establish criteria of purity. 


EXPERIMENTAI 


Materials. Finely divided rhenium powder (99-98 per cent metal by assay) was obtained from the 
Varlacoid Corporation. The fluorine gas (98:5 per cent purity) was obtained from the Pennsylvania 
Salt Manufacturing Company. The fluorine was additionally purified from HF by condensation with 
liquid nitrogen. The final fluorinations of pure ReF, to give ReF; were made with distilled fluorine 
gas of greater than 99-9 per cent purity. 

Preparation. The volatile rhenium fluorides were prepared by passing fluorine gas at 250 mm 
pressure Over rhenium metal in a nickel tube at 300-400°C. The volatile products were collected 
downstream in a nickel U-tube cooled in a trichloroethylene—dry-ice bath followed by a second 
U-tube cooled with liquid nitrogen. The rhenium metal was entirely consumed, and essentially all of 
the reaction product was found in the first U-tube. The volatile products were purified by repeated 
sublimations. Methods for handling, purifying, and storing such reactive, volatile fluorides have been 
described in detail elsewhere.’ After purification the yield of volatile products was measured by 
PVT measurements assuming one rhenium atom per molecule. Numerous preparations using from | 
to 10 g of rhenium metal were made. In a typical experiment a 96 per cent yield of volatile product 
was obtained from a 5-8 g Re sample 

The reaction products were invariably mixtures of ReF, and ReF; and required additional 
treatment to produce either pure ReF, or pure ReF;. In order to obtain pure ReF, the mixture was 


* Based on work performed under the auspices of U.S. Atomic Energy Commission 
1) J. G. MALM, H. Sevic and S. Friep, J. Amer. Chem. Soc. 82, 1510 (1960) 
*) QO. Rurr, W. KWwasnik and E. Ascuer, Z. Anorg. Chem. 209, 113 (1932) 

O. RurFr and W. Kwasnik, Z. Anorg. Chem. 219, 65 (1934). 
») J. GAUNT, Trans. Faraday Soc. 50, 209 (1954). 

B. Weinstock and J. G. MAM, J. Jnorg. Nucl. Chem. 2, 380 (1956) 
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heated with fluorine at 3 atm and 400°C in a closed nickel can for several hours. On the other hand, 
to prepare pure ReF,, the mixture was heated with excess Re metal in a closed nickel can at 250-400°C 
for several hours. 

Pure ReF, was converted to ReF,; by treatment with fluorine. In one experiment 0-00161 mole of 
ReF, were condensed into a nickel vessel and heated with excess fluorine at about 3 atm pressure and 
400°C for 1 hr. The ReF, was quantitatively converted to ReF;, 0-00086 mole of fluorine being 


consumed in the reaction. ReF; was converted to ReF, by heating to 250-400°C in the presence of 


excess Re metal powder. Thus in a typical experiment 4 g of ReF, was heated in contact with 0-675 g 
of Re metal at 300°C for several hours. The ReF, was quantitatively converted to ReF,. The excess 
Re remained as metal as shown by X-ray diffraction. Approximately 5 atm pressure was developed 
during this experiment. Under these conditions ReF, is not reduced, and this reaction therefore 


affords a method for obtaining ReF, completely free of ReF;. 

There is some evidence that excessive pressures of ReF; or ReF, tend to carry the reduction to a 
lower state at moderate temperatures. In one experiment approximately 16 g of a ReF,—-ReF, mixture 
were heated with Re metal powder to 280°C. It is estimated that approximately 30 atm pressure was 
developed during this experiment. The reaction vessel contained about 2-5 g of a nonvolatile, pale 
blue, hygroscopic powder. Chemical analysis showed it to have a composition of ReF;.;. The 
substance is believed to be the compound ReF , as described by HARGREAVES and Puecure™, The 
low F/Re ratio can probably be explained by the loss of fluorine as HF during the hydrolysis, which 
was carried out in air. 

Molecular weight determinations. The molecular weights of samples of ReF, and ReF, were 
determined by weighing quantities of these gases under conditions of known pressure and temperature 
in a volume calibrated Pyrex glass bulb fitted with a miniature brass valve. Weighings were made 
with a similar evacuated bulb used as a tare. The bulb was thoroughly flamed and evacuated before 
filling. The temperature of the bulb was determined to +0-1°C with a calibrated thermometer. 
Pressures were measured to +0-05 mm with a quartz Bourdon gauge. The empty weight of the bulb 
was determined by averaging the empty weights obtained before and after weighing it filled with the 
rhenium fluoride gas. 

Chemical analysis. Weighed samples of ReF, and ReF, were sealed in a Pyrex flask cooled with 
a trichloroethylene—dry-ice mixture. Concentrated NaOH was admitted through a breakseal. The 
hydrolyses proceeded vigorously as the contents warmed up to room temperature. In the case of 
ReF; the hydrolysis y ielded a clear colourless solution. Hydrolysis of ReF, produced a blue solution 
which rapidly che unged to dark green, and after a few minutes yielded a voluminous black precipitate. 
No oxygen was evolved. H sO, was added and the precipitate dissolved slowly while the solution 
became light brown, then pink, and finally colourless. 

The fluoride was determined by titration with Th(NO;),. In some cases the fluoride was separated 
from the rhenium by a WILLARD and WINTER distillation” while in others it was determined in the 
presence of rhenium. Both procedures yielded satisfactory results. 

The rhenium was determined by precipitation with nitron and weighing as nitron perrhenate. 

Vapour-pressures. Napour-pressure measurements on 1-3 g samples of ReF, and ReF; were 
conducted with a quartz differential Bourdon gauge used as a null instrument. A description of this 
apparatus and its manipulation has been given in detail elsewhere.‘*) Absolute pressures were read 
with a cathetometer to a precision of +-0-01 mm Hg on a closed end mercury manometer connected 
to the jacket. The relative positions of the fixed and movable pointers of the gauge were observed on 
a scale in the eyepiece of a travelling microscope. The sensitivity of the gauge was determined by 

arying the pressure in the envelope several millimeters in both directions and determining the number 
of arbitrary scale divisions the movable pointer had deviated from the null position. The sensitivity 
thus determined was +-0-015 mm at all pressures. The sample was contained in a nickel tube which 
extended 8 in. into a thermostated ethylene glycol-water bath. The bath temperature was regulated 
to +0-01°C and measured with a copper-constantan thermocouple which had been calibrated 
against a Bureau of Standards platinum resistance thermometer. 

The gauge, valves, etc. were enclosed in a heated box which was maintained at a temperature 
about 15°C above the temperature of the thermostated vapour-pressure bath. 


G. B. HARGREAVES and R. D. Peacock, J. Chem. Soc. 1099 (1960). 
H. H. Witcarp and O. B. Winter, /ndustr. Engng. Chem. Analyt. Ed. 5, 7 (1933). 
®) B. Weinstock, E. E. WeAver and J. G. MAM, J. Inorg. Nucl. Chem. 11, 104 (1959). 
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In order to assure that vapour-pressure measurements were taken on pure samples, these measure- 
ments were carried out on different samples which had been subjected to both chemical and physical 
purification steps. Vapour-pressure measurements and inspection of infra-red spectra showed that 
after repeated vacuum sublimations essentially the only impurities were either small amounts (< 0-5 
per cent) of ReF, in ReF, or small amounts of ReF; in ReF,. Numerous ReF, samples were repeat- 
edly treated with F, gas at 400°C. Such treatment would cause the vapour-pressures to approach 
minimum values beyond which additional treatments with F, gas produced no further change. 
ReF, samples were repeatedly contacted with Re metal at 300°C. The vapour-pressures of ReF, 
samples thus treated tended towards maximum values whereupon additional contacts had no further 
effect. Over a period of several months data were thus obtained which agreed from sample to sample 
and from one experimental run to the next. 

Prolonged contact of the ReF; vapours with the quartz gauge at elevated temperatures (above 
50°C) usually introduced small amounts of a volatile contaminant which could not be removed by 
fractional sublimation, nor by repeated treatment with fluorine. The ReF, had to be converted first 
to ReF, and then refluorinated to ReF, in order to remove this impurity. The contaminant is believed 
to be a volatile oxyfluoride, possibly ReOF;. To obviate this difficulty, high temperature data for 
ReF, were taken on samples which were allowed to remain in contact with the gauge for only short 
periods before being replaced with fresh material. 

Liquid densities. The liquid densities of ReF, and ReF, were determined by weighing gramme 
amounts of liquid in a small calibrated pycnometer which was made by sealing a portion of a volu- 
metric pipette, graduated to 0-01 cm* to a small Pyrex glass bulb. The pycnometer volume (about 
0:5 cm*) was determined by weighing the flask filled with water to a graduated mark. The volume 
could be estimated to +0-002 cm*. The total weight of the sample was corrected by subtracting the 
amount of volatile fluoride in the vapour phase above the liquid meniscus. 

Phase transition points. The triple points of ReF; and ReF, and, in the latter case, a solid—solid 
transition point temperature were measured by the thermal arrest method. Samples of about 2 g 
were condensed into a Pyrex glass bulb having an outside diameter of 9mm. A concentric thermo- 
couple well, 3 mm outside diameter, extended almost to the bottom of the bulb so that the end of the 
thermocouple dipped at least 1 cm into the surrounding compound. An air-bath surrounding the 
bulb was heated slightly above the transition temperature and then allowed to cool slowly while 
thermocouple readings were measured as a function of time. At the thermal arrest the temperature 
remained constant to --0-02°C for a period of 5—10 min. 


RESULTS AND DISCUSSION 


Method of preparation and purification. The proportions of ReF, and ReF, 
obtained varied from preparation to preparation. Reaction at lower temperatures pro- 
duced higher proportions of ReF,, while reactions at higher temperatures seemed to 
favour the production of ReF,. 

Above the ReF, transition point the two compounds presumably form solid 
solutions such that they cannot easily be separated by fractional distillation. Since 
separation of the two compounds by simple physical methods is not feasible, con- 
version of mixtures to one compound or the other by chemical reaction was used for 
purification. ReF, is quantitatively converted to ReF; by F, at 400°C. Conversely, 
pure ReF, is produced by the reduction of ReF, with Re metal powder at 250—400°C. 

ReF, and ReF, are stable and can be stored unchanged in nickel or monel vessels 
and in thoroughly dry Pyrex or quartz glass containers. The usual volatile impurities 
can be removed from these compounds by repeated vacuum sublimations. 

The problem of detecting small amounts of ReF, in ReF, (or of ReF, in ReF,) is 
difficult since chemical analyses for Re or F~ are not sufficiently accurate. Infra-red 
techniques are inadequate because the observed fundamental absorption bands for 
ReF, and ReF, coincide. In the absence of other impurities, accurate vapour-pressure 
measurement is the most sensitive technique for estimating the purity of these 
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compounds. A convenient check point for testing the purity of ReF, or ReF; samples is 
the vapour-pressure at the ice-point. If the vapour-pressure can be determined to 

0-1 mm at this temperature, then a 0-1 per cent contamination of one of the com- 
pounds in the other can be detected. 

\ comparison of RUFF’s vapour-pressure data‘ with the present work indicates 
that his preparation probably contained considerable amounts of ReF;. A mixture 
of these two compounds would be expected to exhibit a melting point intermediate in 
value between those of pure ReF, and pure ReF;. Rurr’s value of 18-8°C is somewhat 
higher but close to our melting point of 18-5°C. We consider this a fortuitous co- 
incidence which may possibly be explained by the depressant effect on the melting 
point of other impurities such as HF and oxyfluorides in his preparation. 

Physical properties. ReF, is a pale yellow solid; ReF; is a yellow solid but some- 
what darker than ReF,. Some of the physical properties of ReF, and ReF, are 
summarized in Table 1. The boiling points were calculated from the vapour-pressure 
equations. The triple points and solid—solid transition temperature are the observed 


values from thermal arrest measurements. 


TABLE 


Rel 6 


Iriple point (C) 18-5 
Boiling point (C) 33-68 
Liquid density (g/cm*) 5: 0-02 (22°C) 0-02 (52°C) 


Solid-solid transition (‘C) 


3-72 


Vapour-pressures. The vapour-pressure data for solid and liquid ReF, and ReF, 
are given in Tables 2 and 3. The temperatures are given in degrees Kelvin and the 
pressures are given in mm Hg at 0'C and standard gravity. The ice-point is taken as 
273-15°K. The data are summarized by the following equations which were derived by 
the method of least squares using an IBM 704 computer. Each point was weighted by 


the observed vapour-pressure at that point. 
Solid I ReF, (— 10-47 345°C) 

0-8327 log,) T — 12-70721 
Solid Il ReFg | 

0-1790 logy) T — 9-12298 
Liquid ReF, (18-5—48-06°C) 

lOgi9 p _— 3-599 logy ii 18-20814 
Solid ReF, (— 14-47 to 48-3°C) 
2205°8 


p r 1-4703 log), T — 13-0432] 


login 


Liquid ReF, (48-3-74-61°C) 


244-28 


logig P 9-90825 logy, 
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TABLE 2.—VAPOUR-PRESSURE OF ReF, 


Observed Pp P.., . Observed p p 
_ eases T (K) pressure 


(mm Hg) 


pressure 


(mm Hg) 
(mm Hg) 


(mm Hg) 


Solid | Solid Il 


262-68 83-76 0-02 288-87 73-01 
263-56 89-13 0:20 289-46 38291 
264-02 92-59 0:20 289-88 391-41 
264-62 96°62 0-11 290-47 401-58 
265-05 99-61 0:04 291-07 413-20 
265-53 102-79 0-29 
265-95 106°48 0:24 
266:54 110-54 0-29 
267°03 114-89 0-11 
267°45 118-29 0-03 292-11 % 0-16 
267-99 122-98 0-10 292-95 7-55 0-02 
268:51 127-43 0-04 294-00 2 0-10 
269-02 132-11 0-02 294-99 85 0-05 
269-41 135-79 0-00 296-01 505-5 0-10 
296-98 52 0-02 

Solid II 297-96 545 0-14 

298-98 567 0-12 

270-51 145-06 0-04 299-89 87 0-37 
71-01 149-16 0-11 301-12 : 0-04 
71-53 53-42 0-08 302-06 3 0-13 
71-96 57°5 0-54 303-04 3 0-13 
72-42 0-28 304-01 35 0-08 
72:53 0-05 304-69 2: 0-44 
73-47 0:33 304-99 0:27 
274-14 0-39 305-97 ' 0-00 
274-50 “75 0-20 306-69 155 0-41 
275:51 39: 0-23 307-06 5: 0-37 
276:03 , 0-39 308-13 795-63 0-42 
276-45 58 0-07 308-16 0-19 
277°48 210-5 0-07 309-13 824: 0:27 
278-00 21671: 0:21 309-14 5-15 0-07 
278:53 2°45 0-08 309-85 345-8 0°37 
279-56 58 0-08 311-11 384-5 0-04 
280-00 239-78 0-07 311-17 386: 0-58 
280-59 he 0-03 312-17 “7 0-09 
281-51 259-2 0-17 312-86 45 1-44 
282-05 265-88 0-32 313-13 -22 0-41 
283-04 279-8 0-08 314-89 ]-38 0-35 
283-96 292 0-05 316:20 Sz. 0:45 
285-04 4 0-33 317-19 1088- 0-37 
285-96 ‘78 0-40 317-26 1092- 0-91 
287-01 340-64 0-22 318-16 1123-98 0-78 
287-74 352-64 0-07 319-20 1164-92 0-80 
287-96 356°57 0-08 320-25 1204-93 0-00 
288-47 365-35 0-03 321-21 1242-71 0-50 


I iquid 


. 
- 
- 
a 
‘ 
ia 
~ 


a 
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he differences between the observed pressures and those calculated from the equations 
ilso shown in Tables 2 and 3. 


Phe calculated solid—solid transition point for ReF, from the simultaneous solution 


afe « 


f equations (1) and (2) was —3-37°C which is in excellent agreement with the value of 
3-45°C from direct observation. The calculated triple point for ReF, from simul- 


taneous solution of equations (2) and (3) was 18-3°C which is in good agreement with 


TABLE 3.—VAPOUR-PRESSURE OF ReF- 





Observed : , Observed ' . 
I t I . I bs Poa i- 
pressure T (K) pressure 
(mm Hg) (mm Hg) 
mm He) . (mm Hg) = 
Solid Solid 


0-04 295-96 90-64 
0-02 297-30 97-22 
0-03 297-94 100-61 
0-04 300-03 112-26 
0:04 301-04 118-45 
0-03 302-43 126-77 
0-04 303-13 131-2 

0-08 305-03 144-: 

0-03 307-04 159- 

0-11 309-00 175: 

0-11 311-01 194- 

0-17 313-01 212: 

0-08 315-03 234-11 
0-19 317-07 256°91 
0-18 319-10 281-65 
0:23 

0:02 Liquid 
0-24 
0-07 


4 


322-14 321-59 
0-39 322-97 332-90 
0-15 323-54 340-02 

0-06 323-71 341-85 

0-18 324-78 354-48 

0-26 325-71 365-47 

0-17 328-85 409-23 

0:27 331-65 453-34 

0-02 333-46 480-36 

0-17 334-69 504-30 

0-17 337-63 557-68 

0-13 340-60 615-11 0-61 
S 0-30 343-10 668-27 1-73 
Y 0-02 347-76 783-69 0-86 


x 


5 
> 


, on? J F. x 
InN + 4 ane 


x 


x 
x 


ann en ee ee 
y 


tr 





the observed value of 18:5°C. The calculated triple point for ReF, from the simul- 
taneous solution of equations (4) and (5) was 48-8°C, in good agreement with the 
observed value of 48-3°C. Our ReF, vapour-pressures agree quite well with those 
recently reported by HARGREAVES and Capy"), The values reported by these authors 


G. B. HARGREAVES and H. Capy, Technical Report No. 28 to Office of Naval Research Project 
NR 





The vapour-—pressures and other properties of ReF, and ReF; 195 


lie consistently lower (<0-5 per cent) than ours which suggests that their preparation 
may still have contained traces of ReF;. 

Thermodynamic calculations. The heats of sublimation and vaporization of ReF, 
and ReF, at the transition points were derived from the vapour-pressure equations by 
means of the Clausius-Clapeyron relation. 

The heat of sublimation of solid I of ReF, is 10,095 cal mole! at —3-45°C. The 
heat of sublimation of solid II of ReF, is 8,068 cal mole~! at —3-45°C and 7,974 cal 
mole at 18-5°C. The heat of vaporization of ReF, at 18-5°C is 6,867 cal mole~!. The 
heat of fusion of ReF, obtained from the calculated heats of sublimation and vaporiza- 
tion at the triple point is 1,107 cal mole and the entropy of fusion is 3-80 cal mole™! 

C-!. The heat of transition of ReF, calculated from the heats of sublimation at the 
transition point is 2,027 cal mole and the entropy of transition is 7-52 cal mole“! °C". 

For ReF, the heat of sublimation at 48-3°C is 9,154 cal mole! and the heat of 
vaporization at this temperature is 7,355 cal mole. The heat of fusion is 1,799 cal 
mole and the entropy of fusion is 5-60 cal mole °C". 

Molecular weights. The molecular weight of ReF, was determined to be 300-9 
which agrees excellently with the calculated value of 300-3. 

The measured molecular weight of ReF, was 322-7 + 3-9 compared with the 
calculated value of 319-3. 

Chemical analyses. Hydrolysis of ReF, apparently proceeds according to the 
reaction 

ReF, +- 4H,O — ReO, 7F 8H 
This is borne out by the fact that hydrolysis of ReF; yields a clear colourless solution. 
RuFF and Kwasnik“) have shown that hexavalent rhenium in aqueous or alkaline 


solution disproportionates into a soluble heptavalent and an insoluble tetravalent 


portion according to the reaction 
3ReF, 1OH,O — ReO, + 2ReO, 20H I8F 
Our work substantiates this result. We have found that no oxygen is liberated by side 
reactions in contrast to the hydrolyses of OsF,"” and PtF,.“” 
The chemical analyses data are summarized in Table 4. The results of the chemical 
analyses are consistent with the formulas assigned to these compounds, ReF, and 
ReF.. 


4 


TABLE 4 





Grammes sample submitted 1-4519 

Re found (g) 0-974 -- 0-004 0-8426 + 0-0008 
F found (g) 0-598 0-008 0-607 0-002 
Total found (g) 1-572 

F/Re found 6-01 





X-ray diffraction studies. Powder patterns were obtained for ReF, and ReF,, and 
the phase transformation in ReF, was confirmed. The high temperature form of ReF, 
is stable between —3-45°C and 18-5°C, and X-ray patterns indicate that it is iso- 
morphous with the high temperature phases of the other hexafluorides in this series. 


(10) B, Weinstock and J. G. MALM, J. Amer. Chem. Soc. 80, 4466 (1958). 
11) B. Weinstock, E. E. WeAveR and J. G. MALM. To be published. 





196 J. G. MALM and H. SELIG 


All high temperature forms can be referred to body-centred cubic cells with similar 
dimensions. However, these conclusions are based on X-ray observations and any 
weak fluorine scattering may not be discernible. Nevertheless, prolonged exposures, 


The low temperature phase of ReF, also is isomorphous with the low temperature 


using X-ray techniques, indicate no deviation from this symmetry. 


forms of the hexafluorides of this series. The patterns are complex and the symmetry 
not known 

Solid ReF; shows a most striking similarity to ReF, in that its high temperature 

n is body-centred cubic with cell dimensions very close to those of ReF,."”) ReF, 


1 phase transition near ii <. 
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Infra-red spectra of ReF, and ReF,. 


Infra-red spectrum. The infra-red spectra of ReF, and ReF, are markedly different 
over the region studied, 600 cm~! to 2000 cm~, and are reproduced in Fig. 1. Attempts 
to resolve the very intense fundamental bands (716 cm~') which are associated with 
both ReF, and ReF- have failed. 

[he vapour-pressure of the ReF, compound used by GAUNT™) in his infra-red 
studies indicates that there was considerable ReF, present as an impurity. His 
spectra show that combination bands of the less volatile ReF,; are present as shoulders 
on the ReF, bands. This, however, does not affect the interpretation of the spectra 
yr the structure that GAUNT assigned to ReF,. 

Chemical reactivity. Both ReF, and ReF, are stable compounds and can be kept 
indefinitely at room temperature in absolutely dry Pyrex vessels. ReF, appears to be 
quite stable thermally. If several grammes of ReF; are heated in a closed fluorinated 
Ni can at 400°C for several hours, no decomposition is observed. No reaction was 


D. Norturop and S. Siecet. To be published. 
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observed when either ReF, or ReF; are heated with several atmospheres of oxygen at 
500°C for several hours. Neither ReF, nor ReF, were found to form addition products 
with NaF, KF, or RbF analogous to the known 3NaF-—UF, addition complex.” 
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TAUTOMERISM AND EXCHANGE IN THE 
BORON HYDRIDES; "'B AND 'H NMR SPECTRA 
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Abstract—Intramolecular exchange or tautomerism is shown to be a common characteristic of many 
boron hydrides, boron hydride anions, and boron hydride Lewis Base adducts. Examples are 
BioH,,, BgHio, B5H,;, and B,H;~ in addition to those previously reported by others. It is suggested 
that the very generality of this internal rearrangement accounts for the lack of space isomers among 
the boron hydrides, boron hydride anions and boron hydride Lewis Base adducts. Tautomerism in 


the liquid phase (NMR studies) resolves certain apparent conflicts with solid phase X-ray studies. The 


relationship between the boron nuclear quadrupole moment and the NMR relaxation times (as 


influenced by tautomerism) is examined and the potential information is discussed. 


BoRON hydride chemistry has been the subject of much investigation in recent years. 
rhe literature reveals that several compounds related to boron hydrides have been 
observed to tautomerize (intramolecular exchange of hydrogen). 

OGG and Ray first noted that a static model for Al(BH,),"” was not compatible with 
the ''B and'H NMR spectra. Lipscoms determined that tautomerism took place in the 
boron hydride anion B,H,~ and in the boron hydride Lewis base adduct B,H, : 
etherate,‘*-”’ also by means of the NMR spectra. The purpose of this paper is to demon- 
strate that rapid tautomerism is a feature of many other boron hydride anions, Lewis 
base adducts and of the boron hydrides themselves. 

Che correlation of rapid exchange mechanisms and NMR spectra has been ob- 
scured because of the somewhat ambiguous terminology which has been employed. 

There are two general types of exchange, intermolecular and intramolecular. In 
rapid intermolecular exchange the nuclei under observation while going from molecule 
to molecule, encounter all possible combinations of nuclei in their various spin states. 
Thus each “observed nucleus” has the same “memory” as every other observed nucleus 
and spin-spin coupling cannot be observed. If the intermolecular exchange involves 
positions which differ in their chemical environments (chemically shifted) then the 
memory has the effect of averaging the different environments. 

Conversely, in the case of rapid intramolecular exchange, the nuclei under observa- 


tion go from position to position within a single molecule and therefore encounter 
specific combinations of nuclei in their various spin states, but not all possible com- 
binations as in the case of intermolecluar exchange. Therefore, each observed nucleus 
does not have the same memory as every other observed nucleus and spin-spin coupling 
may be observed. This type of exchange also will average any chemically different 
environments. For the purpose of the following discussion the various exchange 


mechanisms will be labelled as outlined below: 


R. A. OGG and J. D. Ray, Disc. Faraday Soc. 19, 239-46 (1955). 

(a) W. N. Lipscoms, Advances in Inorganic Chemistry, Vol. 1, p. 132. Academic Press, New York (1959). 
(b) W. N. Lipscoms. Private communication (1958). 

(c) C. R. Peters and C. E. NorpMan, J. Amer. Chem. Soc. 82, 5758 (1960). 

W. D. Puitiips, H. C. MILLER and E. L. Muetrterties, J. Amer. Chem. Soc. 31, 4496 (1959). 
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I. Rapid Intramolecular Exchange (including Tautomerism) 
A. Spin-spin coupling multiplets can be observed; however, they usually differ in 
number and value from those expected of a static molecule. 
B. Any chemical shifts (0) will be averaged proportionately. 
Il. Intermolecular Exchange (Rapid) 
A. Spin-spin coupling (/) cannot be observed. 
B. Any chemical shifts (0) will be averaged proportionately. 


Aluminium borohydride 


The first established case wherein tautomerism was shown to exist in a boron 
hydride type compound was aluminium borohydride. 

A comprehensive NMR study of Al(BH,), was conducted by OGG and Ray" 
the ‘H NMR spectrum disclosed that all of the protons were equivalent and that all 
were coupled with both the Al and B nuclei. A static model for Al(BH,), (liquid) 
appeared to be impossible. However, intramolecular exchange of bridge and terminal 
protons within individual BH, groups will adequately interpret the observed spectra 
(IA and B exchange). Each individual proton “remembers” having associated with a 
combination of a single aluminium nucleus and a single boron nucleus (sixty-six 
possible combinations). Sixty-six closely spaced lines should give the broad unresolved 
multiplet observed in the'H NMR spectrum. “Saturation” of the ?*Al-proton coupling 
(by double resonance techniques which simulate IIA exchange, i.e. the protons 
“‘remember” all possible **Al spin states) leaves only the boron coupling and a quartet 
due to the four B spin states is observed in the 'H NMR spectrum (protons associated 


with !B are partially resolved). “Saturation” of the 'B coupling (simulated IIA 
exchange—protons “remember” all possible 'B spin states) leaves an unresolved heptet 
due to the aluminium coupling complicated by those proton (20 per cent) associated 
with °B . The ''B NMR spectrum gave a quintet expected from association with five 
different combinations of four protons in their various spin states. There is no necessity 


to invoke the previously suggested") quantum mechanical tunnelling effect to interpret 
the NMR spectra of Al(BH,)3 although the apparent conflict may be only a matter of 
semantics.””) Additional heating of Al(BH,),, which is already undergoing rapid 
intramolecular exchange, would not change the ““memory” of the nuclei involved and 
therefore the Al(BH,),; NMR spectra would be independent of increased temperature. 

Other processes can be ruled out on the basis of the NMR spectra, e.g. were boro- 
hydride groups exchanging rapidly between molecules, IIA exchange would average 
the proton coupling to Al. If protons alone were exchanging between molecules, IIA 
exchange, would have averaged both the influence of Band Al coupling. If the protons 
were exchanging between borohydride groups within the same Al(BH,)3 molecule 
(IA and B exchange) then the proton spectrum would have revealed the coupling to a 
single Al and to the various combinations of three boron nuclei, in their various spin 
states (286 in all). The™B spectrum would be a thirteen membered multiplet represent- 
ing the thirteen possible spin-state-combinations of twelve protons. 

The somewhat different NMR spectra” obtained for Al,H.(BH,), would therefore 
seem to indicate that there is a mechanism by which BH, groups do exchange rapidly 
between molecules (IIA exchange) or, less likely, that the Al couples with the two 
unique protons at the expense of almost all Al to BH,~ proton coupling. 

As will be pointed out in the following discussion rapid tautomerism at ambient 
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temperature is obser ed when the space into w hich a proton may “‘tautomerize” is 


vacant and the molecule before and after rearrangement does not differ structurally. 
These considerations would suggest that at least in the liquid phase a structure 
with one or two (-H—BH,g groups) I might be present to some extent in aluminium 


borohydride I] 


Precedence for this sort of bonding has been observed in the case of H;B—-H-BH, ,"*? 
In this connexion it is interesting to note that trimethylaluminium dimerizes. How- 
ever, aluminium borohydride, methylaluminiumdiborohydride and more importantly 
dimethylaluminiummonoborohydride do not dimerize;‘°) apparently “the bridging” 
furnished by only one BH, group is necessary to quench the electron deficiency of 
aluminium. One might expect the NMR spectra of dimethylaluminiumborohydride to 
reflect distinct bridge protons and terminal protons, no rapid tautomerism. 


Boron hydride ions and Lewis base adducts 

The 'BNMR spectrum of NaB,H,'*:*) consists of “septet’’ while the ‘H NMR is a 
“broad resonance”. The disputed‘ but almost certainly correct interpretation of 
these spectra has been suggested by Lipscoms”? in terms of rapid tautomerization 
taking place within the expected structure (a triangle of boron nuclei, six terminal 
protons and two bridge protons) for the B,;H,~ ion; the “‘septet” is assumed to be a 
nonet (weakest outside members unobserved), and the borons “see” all eight protons 
by virtue of internal exchange. IA and B exchange would make all boron nuclei one 
of the nine possible combinations of eight protons in their +} and —} spin states. 1B 
to "B spin coupling (observed to produce septets in “BNMR spectrum of tetrabor- 
ane‘®’ must be ruled out as explaining the “-BNMR of B,H,~ since in that event the 
protons would have to have been substantially “averaged” (IIA exchange) which 
would have resulted in a narrow proton resonance rather than the observed broad 
resonance. '‘* 

LIPSCOMB interprets the spectra of B,H, : OEt,"® in excess ether in a similar fashion 
(IA and B exchange is taking place). A preliminary study’ of the *-BNMR spectra of 
the ion B,H- “” reveals a closely spaced multiplet (probably the visible members of an 
octet) (0 ~ 25, J ~ 33 c/s) which lends credence to the empirical formula and intro- 
duces an internal rearrangement feature into this molecule also (IA and B exchange). 

LipSCOMB suspected that tautomerism should be a feature of other borohydride 
* H. C. Brown and P. E. Tierney, J. Amer. Chem. Soc. 80, 1552 (1958). 
M. GERSTEIN. Private communication (1960). 


R. E. Witvtiams, S. G. Gippins, and I. SHAPIRO, J. Amer. Chem. Soc. 81, 6164 (1959). 
ANDESMAN and R. E. WILLIAMS. To be published. 
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anions and ina note rejected by frivolous refereeing suggested that B,,»H,,”~ and B,,H,, 
might be likely candidates for intramolecular transformations. 

It is interesting that B,;y»H,.(CHs,CN),"* (a substituted B,yH,,7~) dissolved in excess 
acetonitrile!” gives a quite different '-BNMR spectrum than when dissolved in 
dimethylformamid.“” Probably tautomerism in one or both of these systems is 
responsible for this discrepancy. These spectra have not been related to structure with 
any certainty but it might appear tentatively’ that the 2, 4 positions (of parent 
decaborane) are relatively unchanged in the B,y)H,. Lewis base adduct and are not 
involved in exchange in either solvent. It is tempting to interpret the spectrum in 
acetonitrile as a chemical shift to higher field of the 6, 9 boron nuclei and tautomerism 
involving acetonitrile as a primarily the bridge protons. The spectrum in dimethylform- 
amid is more complex and probably involves tautomerism of both bridge and terminal 
protons. 

The"B NMR spectra of the system NaH-BEt,""!-!” are also of interest; with excess 
BEt, a singlet is observed, as the BEt, is removed the NMR signal of the residue 
moves to a higher field. After remaining in the presence of excess NaH for several 
months a doublet is observed. These results can best be explained in terms of exchange 
involving the species HBEt,~ and BEt, (IIA and B). In the presence of excess BEt, all 
of the boron nuclei attain the same “‘memory’”’, that of spending equal time as HBEt, 
with the proton in both possible spin states and of existing as an individual BEt, 
molecule; thus the chemical shift averages and spin-spin coupling is unobserved. In 
the absence of excess BEt, no detectable exchange takes place at room temperature. 


Boron hydrides (see Fig. 1) 

Although the above examples of rapid exchange or tautomerism include boron 
hydride anions and Lewis base adducts, these processes have also been observed in the 
spectra of the boron hydrides themselves. At this point it should be noted that the 
rates of processes taking place in liquid boron hydrides at ambient temperatures would 
be expected to be more rapid than in solids at low temperatures. Therefore, the low 


temperature X-ray studies of solids would evidence less or no tautomerism relative to 


the ambient temperature NMR studies. 

The unique bridge proton of B;H,,"*-*) could certainly be considered to tautom- 
erize between two or three pairs (I-2, 1-5 and 2-5) of boron nuclei (IA and possibly 
B exchange). 

The unexpected identity of the base boron nuclei in the "B NMR spectrum of 
hexaborane-10"” doubtless results from restricted intramolecular exchange involving 
only the bridge protons around the base, thus equalizing the memories of the base 
boron nuclei (IA and B exchange*). Trace impurities which increase with time account 
for the small unlabelled peaks in both the ''B and 'H spectra of the published spectra of 
hexaborane-10."" 

* This possibility developed during a conversation with Dr. H. M. MCCONNELL and reached independ- 
ently by Dr. W. N. Lipscoms. 


(8) R. SCHAEFFER, J. Amer. Chem. Soc. 79, 1006 (1959). 
‘9) R, SCHAEFFER. Private communication (1959). 
’T. ONAK. Private communication (1959). 
R. E. WitwtiaMs, H. D. FisHer and C. O. WILson, J. Phys. Chem. 64, 1583 (1960). 
») T. P. ONAK, H. LANDESMAN, R. E. WILLIAMS and I. SHAPIRO, J. Phys. Chem. 63, 1533 (1959). 
(a) R. E. WriiiaMs, S. G. Gipsins and I. SHAPIRO, J. Chem. Phys. 30, 320 (1959). 
(b) W. N. Lipscomps, J. Chem. Phys. 28, 60 (1958). 
R. E. WitiiaMs, S. G. Gipsrns and I. SHAPIRO, J. Chem. Phys. 30, 333 (1959). 
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Accepting the postulate that bridge protons are capable of rapid migration where 

e opportunity exists, simplifies rather than complicates the inherent character of the 
boron hydride “bridge proton’. The so-called “‘unique proton” of B,H,, can tautom- 
‘rize between three pairs of boron nuclei with practically no movement of the proton. 
bridge protons in BgH,, shift, but always one vacant position remains. In both 
nd B,H,,» shifting of the bridge protons suspected of tautomerizing would 
tical molecules after the shift: low energy barriers for these rearrangements 


OC expected 


§ 
go 


O 





Spatial configuration for the boron hydrides. 


On the other hand, among the other boron hydrides a similar tautomerism would 
involve displacement of one bridge proton by another proton or conversion of a termi- 
nal proton into a bridge proton and vice versa with perhaps the exception of deca- 


borane. These displacement-rearrangements would be expected to have higher 


energy barrier and to be much slower; however, they have been used by many investi- 


gators in various reaction mechanisms. 
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“Slow” intramolecular rearrangements have also been reported") in isotope 
exchange studies involving B;H,, and B,Hj»). KNIGHT and Welss"® probably en- 
countered internal rearrangement when studying boron exchange in the system 
B-enriched B,H, and isotopically normal B;Hy. 1°B was found to have entered the 
B;H,, however no difference could be detected in the !°B/"B ratio in the apex versus 
the base boron atoms as determined from the “-BNMR spectra of the B; Hy. Gispprns®” 
found that deuterium entered the terminal proton positions of B,H,,9 in the system 
B,D, and B,H,9, however with time the deuterium migrated throughout the molecule 
including the bridge positions as revealed by the following changes in the infra-red 
spectrum. A mechanism which could account for the bridge-terminal hydrogen 
exchange"'® has been advanced. In the above slow exchanges intermolecular mechan- 
isms cannot be entirely ruled out as the explanation. 

Decaborane"’ would appear to have two “‘vacancies” (between borons 5, 10, and 
7, 8, Fig. 1) and NMR evidence would indicate that in certain solvents (e.g. cineole) 
tautomerism among bridge and terminal protons occurs rapidly and probably involves 
these vacancies: perhaps the exchanging species should be considered as a decaborane 
cineole adduct rather than as decaborane. 

The difficulty encountered in obtaining “‘satisfactory” ''BNMR spectra of deca- 
borane undergoing proton—deuterium exchange in dioxane-D,O"* can now be attrib- 
uted to exchange taking place in solution. In decaborane, if the bridge proton were 
to migrate directly into one of the vacant “‘bridge positions” (or were a bridge to 
terminal, terminal to bridge double shift to take place) the product molecule would 
be slightly different and a slight energy barrier might be expected. It should be noted 
that (at least in the crystalline state) the two bridges in (CH,sCN).B, 9H, are located 


between positions 5, 10, and 7, 8, which were vacant in the original crystalline deca- 
(21) 


borane molecule. 

In summary, rapid tautomerism appears to be a characteristic feature of the boron 
hydrides and their derivatives. The ease and occurrence of tautomerism is influenced 
primarily by steric considerations, and the rate at which tautomerism takes place is 
reflected in the NMR spectra. It is also probable that internal rearrangement accounts 
for the fact that only one structure is found per emperical formula among the boron 
hydrides, boron hydride anions or boron hydride Lewis base adducts. LipscomB'®? 
has suggested “*(the) . . . possibility of internal rearrangement (is) probably due to the 
relatively expanded orbitals around boron, particularly in the negative boron hydride 


ons.... 


Exchange and nuclear quadrupole moment 


The ™B nucleus has a nuclear quadrupole moment, a characteristic which enhances 
the effectiveness by which a spinning '"B nucleus may interact with either the surround- 
ing lattice (dissipating energy) or with other “B nuclei (culminating in an exchange of 
spins). The times associated with the rates at which the above two processes take place 
are known as 7, (spin lattice relaxation time) and 7, (spin-spin relaxation time). 

15) P. C, Maysurry and W. S. Koski, J. Chem. Phys. 21, 742 (1953). 

16) Private communication (1958). 

(17) Private communication (1959). 

(18) W, N. Lipscoms, J. Jnorg. Nucl. Chem. 11, 1 (1959). 

19) J. S. Kasper, C. M. Lucut and D. HARKER, Acta Cryst. 3, 436 (1950). 

20) J. SHAPIRO, M. Lustic and R. E. WILLIAMs, J. Amer. Chem. Soc. 81, 838-41 (1959). 
(21) W, N. Lipscoms, J. Chem. Phus. 31, 610 (1959). 
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7, and 7, are important in determining the strength and resolution of NMR 

The NMR signal depends upon the ability of the slightly more populous 
lower energy states to take up energy; if the process by which the higher energy state 
loses energy to the lattice were sluggish (7, is too long), the resulting signal will be 
limited in size or “‘saturated” (the populations of the various energy states rapidly 
equalize, thus no continued absorption of energy takes place). Conversely, 7, may 
be too short (nuclei can trade spin states rapidly) and spin-spin coupling cannot be 


observed because the associated nuclei “‘remember” the several possible spin states 


Che optimum situation is therefore a short 7, (maximum signal) and a long 7, 
(maximum resolution of spin-spin coupling). Nuclear quadrupole interactions with 
the lattice and with other identical nuclei act to shorten both 7, and 7,. 

It has been observed that '*N-'H spin-spin coupling in pyrrolidine hydrochloride, 
unresolved at room temperature, can be resolved by heating the sample to 150°C”. 
The '*N quadrupole moment allows the rapid (short 7,) trading of spin states with 
nearby '*N nuclei at room temperature. Rapid tumbling at higher temperatures 
presumably lengthens 7, by lessening the efficiency of this process. 

In many ''B NMR spectra the signal areas representing the various B nuclei in 
nonidentical environments only approximate quantitatively the numbers actually in 
those environments. This may be attributed to the relative ease with which the various 
environments allow the nuclear quadrupole moment to interact with the lattice thus 
dictating the value of 7, and therefore the size of the signal. As an example, the "B 
NMR signal representing BH,” ion is easily saturated; 7, is long reflecting the 
symmetry of the ''B environment, which effectively shields the interaction between the 


"'B quadrupole and the lattice. The signals representing the ions B,H,~ and B,H, 

are also readily saturated indicating that in rapidly tautomerizing species, the "B 
quadrupole lattice interaction is also less effective. The rapid shifting of the surround- 
ing nuclei evidently function in a fashion similar to that of the tumbling '*N nuclei in 


9 
) 


pyrrolidine hydrochloride. ‘*- 
Applying the above considerations to the spectra of the common boron hydrides, it 
is found that the BH, groups in tetraborane-10 are slightly more easily saturated than 


‘and the apex BH group in pentaborane-9 is more easily saturated than 
14 


6 


the BH groups 
the base BH groups; in both cases it is conceivable that the more symmetrical 
environment (longer 7,) allows it to be saturated more easily. In the case of hexa- 
borane-10, however, the base BH groups are markedly more subject to saturation,” 
(even at the lowest power, necessary to detect a signal) the ratio of base area to apex 
area approaches but never reaches five. This can now be understood because rapid 
tautomerism in the base of hexaborane causes 7, to be long, and hence more easily 
saturated. It would thus appear that the ease of saturation is of considerable value in 
determining certain characteristics of the boron hydrides. 

icknowledgements—The author wishes to thank Dr. S. K. ALLEY and Dr. G. B. BERGMAN for their 


advice and assistance in the preparation of this paper. 


J. D. Roperts, Nuclear Magnetic Resonance, pp. 80-86. McGraw-Hill, New York (1959). 
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Abstract—The kinetic study of the thermal decomposition of tetraborane-10 in the presence of 
carbon monoxide revealed that the reaction was approximately first order in tetraborane-10 and 
zero order in carbon monoxide. The heat of activation of the reaction was found to be 24,560 cal 
per mole. The close correspondence between the rate constants for this reaction and those previously 
determined for the conversion of tetraborane-10 to pentaborane-11 in the presence of diborane 
coupled with the fact that tetraborane-8 carbonyl is the major product of the reaction strongly 
suggests that tetraborane-8 is the intermediate in both reactions. 


THE conversion of tetraborane-10 to pentaborane-11 has been studied by two groups”? 
and has been shown to be dependent only on the concentration of tetraborane-10. 
DUPONT and SCHAEFFER measured the first order rate constants and calculated the heat 
of activation for the interconversion whereas PEARSON and EDWARDS showed first 
order dependence on tetraborane-10. In addition, the latter measured the rate and 
calculated the heat of activation of the thermal decomposition of tetraborane-10 in the 
absence of diborane. The values for the heat of activation were identical for the two 
reactions although the rate of decomposition was an order of magnitude slower. 
PEARSON and EDWARDs suggested that either of two intermediate molecules, tri- 
borane-7 or tetraborane-8, were produced in the decomposition and Dupont and 
SCHAEFFER preferred tetraborane-8 as the reactive intermediate in the interconversion 
reaction. 

The purpose of this study was to obtain new evidence concerning the nature of the 
intermediate in the tetraborane-10 to pentaborane-11 conversion. The classical tech- 
nique of obtaining a derivative of the reactive intermediate by introduction of a 
suitable trapping agent was used. Since semitopological analysis of the ByH, molecule 
suggested it would be a Lewis Acid and since unpublished reports of BURG indicated 
that tetraborane would react (possibly directly or possibly by prior dissociation) with 
the base carbon monoxide, this reaction appeared to warrant further more detailed 


study. Stronger bases such as amines or ethers result in direct cleavage to derivatives 


of a triborane. 
EXPERIMENTAI 


3 


The usual type of high vacuum system was employed as described by SANDERSON. An automatic 


Toepler pump supplemented a fractionating system, storage vessels and an inlet system. A gas 


* Present address: E. I. du Pont de Nemours & Company, Explosive Department, Eastern Laboratory, 
Gibbstown, New Jersey. 

+ Reprint requests should be directed to this author. 

* Contribution No. 985 
1) R. K. PEARSON and L. J. Epwarps, Abstracts of Papers Presented at the 132nd American Chemical 

Society Meeting in New York, 1957, page ISN. 
) J. A. Dupont and R. Scuaerrer, J. Inorg. Nucl. Chem. 15, 310 (1960). 

R. T. SANDERSON, High Vacuum Manipulation of Volatile Compounds. J. Wiley, New York (1948). 
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pump similar to that described by BRUNFELDT and HoLM")? was used to move gaseous 
The temperature control of the heated zone was 


| } 
tures througn 


*h a hot zone in the kinetic study. 
achieved to ~ 0-5° by a Thermistemp Temperature Controller* Model 71. 
The tetraborane-10 used in this study was present along with pentaborane-11 as the major 
es of commercial diborane which had been stored at room temperature for several months 
This mixture was pumped through traps cooled to —95°, 112 
112° trap whereas pentaborane-11 and diborane 


n excess of 30 atm 
The tetraborane-10 was retained in the 
95° and — 196° traps respectively. Fractional condensation purification was repeated 
apour pressure of tetraborane-10 was constant at 387 mm at 0°. 
nonoxide was a commercial product supplied in a high pressure cylinder. The tank was 
m system via copper tubing and Kovar seal to glass so that the system could 
mm of mercury. The carbon monoxide was passed before using through 


vacuu 


-d to 10-* or 10 
lled with Pyrex glass-wool cooled to —196°. 
eaction between tetraborane-10 and carbon monoxide was conducted in a vacuum system 
of three U-tubes and a gas circulating pump. This system was separated from the con- 
acuum system by a mercury valve and the first U-tube had a mercury valve on either side 
solate it completely. A known quantity of tetraborane-10 was condensed into this U-tube 
I 196° while an oil-bath around the second U-tube was brought to the appropriate 
Next, the required amount of carbon monoxide was introduced into the entire system 
>pump. With a —196° bath on the third U-tube, the first U-tube containing tetraborane-10 
o the predetermined low temperature with a suitable slush bath and the pumping and 
immediately. Thus the mixture of tetraborane-10 and carbon monoxide was forced 


heated U-tube and immediately cooled in the next allowing only the carbon monoxide 


late. After a predetermined time, the mercury valves on either side of the first U-tube were 


| pumping stopped 

monoxide was removed and the tetraborane-10 which had not left the cold trap transferred 
nating system. The amount which had passed through the hot U-tube was calculated 
between the quantity of tetraborane-10 recovered and the original quantity measured. 
mposition zone cooled to below 40°, the carbon monoxide was pumped from the 
The products of the reaction and unreacted tetra- 


o U-tubes and circulating pump 
re transferred to the fractionating system and separated by passing the mixture into 
96° traps. Tetraborane carbonyl remained in the — 95° trap and excess tetraborane-10, 
of diborane and slight amounts of borane carbonyl were condensed in the —196° trap. 
) was considered completely removed from tetraborane carbonyl when the latter had a 
l ressure of 5-6 mm at —45 rhe tetraborane-10 thus separated was purified from trace 
yunts of diborane and borane carbonyl by passing the mixture through a —136° trap twice. Pure 
tetraborane-10 stopped in this trap whereas impurities passed into the —196° trap. The quantity of 
tetraborane-10 recovered subtracted from the amount which went through gave the amount of 
tetraborane-10 which had either reacted with carbon monoxide or decomposed to form other hydrides. 
Since the rate of decomposition of tetraborane-10 was known to be much slower than the observed 
uction and since only traces of contaminants could be isolated, a fairly accurate measure of 
tetraborane-10 converted to the carbonyl was obtained. Direct quantitative recovery of the 
could not be carried out reliably owing to its instability. 
llowing equation was used to calculate the residence time, ¢ 


VT 
2 


lume of the heated zone, V total volume of the gas passed, T = total pumping 


f 


The volume of the heated zone was determined to the nearest tenth of a millilitre and the volume of 


through the heated zone was calculated from the volume of tetraborane-10 transferred 


gas which went 


using the ideal gas equation 
Springs Instrument Company, Yellow Springs, Ohio. 
F. Hoim, J. Chem. Educ. 32, 528 (1955). 
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The method was checked in a single instance by measuring the rate of conversion of tetraborane-10 
to pentaborane-11 at 110° in the presence of diborane. The experimental value of 1-09 min~ agrees 
well with the value of 1-10 min~! calculated from the data of DUPONT and SCHAEFFER? 

KINETIC DATA 

The thermal decomposition of tetraborane-10 in the presence of carbon monoxide 
was investigated at four temperatures, two carbon monoxide pressures and three 
partial pressures of tetraborane-10. The values of the rate constant calculated from an 
assumed first order rate equation 

dB, Hy») 
dt 


for each run are given in Table |. The variation of rate constants for a given tempera- 


k(B,H,49) 


ture indicates the difficulties encountered in the experiment. 


TABLE 1.—KINETIC DATA FOR THE DECOMPOSITION OF TETRABORANE-10 IN THE 
PRESENCE OF CARBON MONOXIDE 








Init. B,Hy, . Low CO Heated 
Time ‘ 
B,H,, Lost Temp. Press. Vol. 
(min) ’ 
(mmole) (mmole) (C) (mm) (ml) 


Temp. 


(°C) (min) (min~') 


a 


204 §2-‘ 0-70 0-067 
402 82 26 0-064 
203 $2°S 81 0-099 
201 82- 87 0-076 
404 $2 1] 0-064 
402 36: 39 0:35 
402 3 35 0:37 
422 3 ( 0-41 
204 5 0-52 
200 33-5 0-54 
402 83-5 0-48 
110 410 0:97 
110 406 3 5 0-93 
110 . . 400 d 1-35 
110 , 408 1-10 
110 + 3 402 3 2 0-87 
110 bak ‘62 400 8 0-82 
110 3-53 ‘87 200 28 1-17 
110 62 3 197 2 1-12 
110 : 4! 200 

110 3°13 . 45 200 

110 rd 45 200 


0-57 60 
0-40 45 
0-63 45 
80 0-48 45 
80 0-40 

98 37 1-12 

98 

100 

100 

100 

100 
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80 


aA 


A— NN WN 
ed 


ON 
A 


A 


~- ehh SL 
A 


+ 
\o 
At 
» 
An At 


a” 


rt 


7 A) 


-h hh Lh L 
a 





The approximate zero order dependence of carbon monoxide was established by 
changing the pressure from 200 to 400 mm and noting that the first order rate constant 
was nearly unchanged within experimental error (see Table 1). Had carbon monoxide 
entered the rate equation, the values of the rate constant would have differed by 


approximately a factor of two for the two different pressures of the carbon monoxide. 


This large difference was not observed and it was concluded that the rate of the reaction 
was approximately independent of carbon monoxide concentration. A pproximate 
first order in tetraborane-10 was similarly established. A least mean squares treatment 
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of the data given in Table 2 gave the best values for rate constants at different tempera- 


Hit. Ue 
tures 
The heat of activation of the reaction was calculated from the Arrhenius equation. 


A plot of the log k vs. 1/7 is found in Fig. 1. Least mean squares treatment of this 


TABLE 2 OBSERVED AND CALCULATED RATI 


CONSTANTS 











iius plot of the first-order rate constants. 
slope gave a value of 24,600 cal for the heat of activation and 1-21 10 for the 
frequency factor. Thus the temperature dependent equation may be written as: 
24,600 
RT 


rhe rate constants calculated from this equation are compared to values obtained from 


1-12 10 exp 


the least mean squares treatment in Table 2. 
TETRABORANE CARBONYL 
Tetraborane carbonyl was a thermally unstable liquid at room temperature 


Ul 


lecomposing to give carbon monoxide and other boron hydrides. It spontaneously 
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ignited in air and burned with a green flame as do most of the other boron hydrides. 
The vapour-pressure was measured and is compared in Table 3 
obtained by BuRG and SPIELMAN"). 


TABLE 3.—VAPOUR-—PRESSURES OF TETRABORANE 
CARBONYL AT VARIOUS TEMPERATURES 





Temp. (°C) Pops.(mm) P, ;,.mm) 


1-07 
3°61 
4-78 
12-65 


71-3 


























2:8 
\/T x io-> 


Fic. 2 


From the manner of preparation and the agreement of physical properties between 
the compound formed in this kinetic study and that reported for tetraborane car- 
bonyl, the compounds were assumed identical. 


DISCUSSION 
The thermal decomposition of tetraborane-10 at temperatures between 80° and 


110° has been studied kinetically in the presence of the weak base carbon monoxide. 
The reaction 


B,H,, + CO — B,H,CO + H, 


‘) A, B. BurG and J. R. SPrELMAN, J. Amer. Chem. Soc. 81, 3479 (1959). 





3 with the values 
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was found to be approximately first-order in tetraborane-10 and approximately 
zero-order with respect to carbon monoxide. The heat of activation of this reaction 
was calculated as 24,600 cal per mole in fair agreement with 23,400 cal per mole 
obtained by Dupont for the conversion of tetraborane-10 to pentaborane-11 and with 
23,400 cal per mole for the decomposition of tetraborane-10 found by PEARSON and 
Epwarps. Fig. 2 shows a plot of first-order rate constants vs. the reciprocal of the 
temperature for the decomposition of tetraborane-10. Curve A shows the values 
obtained by PEARSON and Epwarps for the decomposition in the absence of any other 
added compound. In curve B, crosses represent values obtained by DUPONT and 
SCHAEFFER and solid dots represent least mean square values from this study. The 
agreement between values obtained by DUPONT and SCHAEFFER and those of this 
study is clearly seen from curve B since only one straight line fits both data well. 

It would appear that the reaction intermediate in each case is probably the same. 
DuPont and SCHAEFFER postulated that the first step of the mechanism of the conver- 
sion reaction involved the rate controlling formation of a B,H, molecule with 
subsequent rapid reaction with diborane to form pentaborane-11 as: 


B,H,,— B,H, + H, 
B,H, + B,H, — B;H,, + BH, 


This study supports the intermediate postulated by these authors for the intercon- 
version. 

No claim is made that the data presented here are highly precise; such is clearly 
not the case. The instability of tetraborane carbonyl makes kinetic measurements on 
this system both difficult and tedious. However, the agreement between rate constants 
obtained by DUPONT and SCHAEFFER and least mean square values from this study is 
striking and it is unlikely that substantial doubt can exist in the interpretation. 


Acknowledgement—This study was generously supported by the United States Air Force under 
Contract AF 33-(616)-5827, monitored by the Aeronautical Research Laboratory, Wright Air 
Development Center, Dayton, Ohio 
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HEAT STABILITIES OF THE ALKALINE EARTH CHELATES 
DERIVED FROM 8-HYDROXYQUINOLINE 
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Westinghouse Research Laboratories, Pittsburgh 35, Pennsylvania 
(Received 6 December 1960; in revised form 20 January 1961) 


Abstract—The anhydrous alkaline earth chelates derived from 8-hydroxyquinoline, when heated in 
the absence of air, decompose in the vicinity of 500°C with the evolution of H,. At least a portion of 
the metal chelate ring systems appears to be retained in the pyrolysed residues. The order of decreasing 
heat stability for the chelates is Ca Mg > Sr > Ba. All of the chelates are more heat stable than 


is 8-hydroxyquinoline itself. 


THERE has been considerable recent interest in metal co-ordination polymers.) 
Part of the motivation for work in this area has been the desire to produce practical 
polymeric materials having high heat resistance. The heat stability of a co-ordination 
polymer which contains metal chelate units is limited by the resistance to heat of the 
units themselves. It should be possible, therefore, to draw some conclusions con- 
cerning the heat stability of a proposed chelate polymer through a study of analogous, 
nonpolymeric, chelate molecules.’ An important advantage of this approach is that 
the simple metal chelates are often very much easier to synthesize than are polymers 
containing similar chelate units. In addition, the results obtained for the simple mole- 
cules may be more easily interpreted since they are free of effects due to the presence 
of groupings other than those in the metal chelate ring systems. 

A recent paper from this laboratory concerned the heat stabilities of the metal 
chelates derived from 8-hydroxyquinoline (oxine).“ The heat stability data which 
could be obtained for the metal chelates derived from 8-hydroxyquinoline (metal 
oxinates) were limited by the volatility of these materials. Since the stabilities seemed 
to be high, however, it was of interest to reinvestigate some of these compounds under 
conditions where volatility would not be a problem. 

The present report concerns the heat stabilities of the magnesium, calcium, 
strontium, and barium oxinates I. For comparison, we have also studied the stability 
of oxine, II. 

Several experimental approaches have been found to be profitable. The first of 


these involved heating the compounds in sealed glass tubes. A measure of the amount 
of undecomposed compound could be obtained by dissolving the contents of each 
tube in acid and determining the absorption of light in the ultra-violet. 

A second approach was to follow weight loss as the oxinates were heated in open 
containers in an atmosphere of argon. The argon was found to suppress sufficiently 
the volatilization of unchanged chelate to permit pyrolysis to occur. Oxine, however, 


volatilized at temperatures below those required to effect decomposition. 


1) C. N. KENNEY, Chem. and Industr. 880 (1960). 

*) D. B. Sowersy and L. F. Auprietn, J. Chem. Educ. 37, 134 (1960). 

>} J. Von Hoene, R. G. CHARLES and W. W. Hickam, J. Phys. Chem. 62, 1098 (1958). 
*) R. G. CHARLES and A. LANGER, J. Phys. Chem. 63, 603 (1959). 
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I 


M =Mg,Ca,Sr, or Ba 


OH 
II 


\ third procedure involved an analysis of the gaseous decomposition products given 


off during pyrolysis. 


EXPERIMENTAL 

Preparation of compounds 

Magnesium oxinate was prepared in the following manner. To a solution of 6-41 g (0-025 mole) 
of Mg(NO3).°6H,O in 825 ml water was added, a little at a time with stirring, a solution of 7:5 g 
(0-052 mole) 8-hydroxyquinoline dissolved in 200 ml methanol. A solution of 55 ml 1 M aqueous 
ammonia was added and stirring was continued for an hour at room temperature. The yellow pre- 
cipitate was allowed to settle for an additional hour and was then filtered off on a Buchner funnel and 
washed with several portions of hot water. The solid was dried by allowing to stand in the air (pro- 
tected from dust and strong light) for about a week. The dried material was stored in a tightly capped 


to prevent possible changes in the degree of hydration. 


TABLE 1 PREPARATION OF ALKALINE EARTH METAL OXINATES 





Metal( °%) NC% Molar ratios 





Yield( 
Caled Found Calcd Found C,H,NO/M H*+/M* 


H,NO), -2H,O 6:97 6°85 8-04 ‘8 1-97 98 
H,NO), -4H,O 10-0 10-0 7-00 = 2-08 ‘98 
H,NO), -2H,O 21-3 21-4 6°80 ' 1-90 ‘94 
H,NO), -4H,O 27°6 28-0 5-63 1-96 96 





r of hydrogen ions required to displace one divalent metal ion from the chelate by reaction (1), 


other metal oxinates were prepared by the following procedure. To 7:25 g (0-05 mole) 
yquinoline was added 1 litre of water and 50m1 1-00 M aqueous NaOH solution. The resulting 
ture was stirred about an hour at room temperature with a magnetic stirrer until all the 8-hydroxy 
uinoline had dissolved. To the resulting solution was added, in small portions with stirring, 25-0 ml 
of 1:00 M aqueous BaCl., Sr(NO,). or Ca(NO,), solution. The mixture was stirred for an additional 
and the solid then was allowed to settle for one more hour. The chelate was filtered off on a 
Buchner funnel, washed with hot water, and dried as for the magnesium compound. Analyses for 
the air-dried compounds are given in Table 1. Metal analyses were by ethylenediaminetetraacetate 
(EDTA) titrations on the decomposed samples. Nitrogen analyses were by the Kjeldahl method 
rhe ratios of oxine to metal in the compounds were determined by dissolving weighed quantities of 
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the hydrated chelates in 0-1 M aqueous HCl and measuring the absorbance (optical density) of the 
solutions at 358 mu. The ratios C,H,NO/M were calculated from these values and the separately 
determined extinction coefficient of oxine in HCl. The theoretical ratio C,H,NO/M is two for all the 
compounds studied. 

The number of hydrogen ions necessary to convert the chelates to oxine and the corresponding 
metal cation was measured by dissolving the hydrated chelate in a small excess of standard 0-1 M HCl. 
The solution was titrated with standard 0-1 M KOH using a motor driven syringe. The end-point was 
determined with a Leeds and Northrup recording pH meter and a glass-calomel electrode com- 
bination.* Precipitation of metal oxinate during the titration occurred only for the magnesium 
compound, and for this only after the end-point had been reached. In each case the reaction was 
found to correspond to (1). 

M(C,H,NO), + 2H* — M? 2C,H;NO (1) 


Infra-red absorption spectra were obtained for oxine and for the hydrated metal oxinates in KBr 
pellets. Absorption peaks characteristic of oxine were not detectible in the spectra of the oxinates 


indicating the absence of excess oxine. 


Heat stabilities from sealed tube experiments 

One hundred milligram samples of the hydrated metal oxinates were weighed accurately into 
Pyrex glass tubes of about 4 ml capacity. The tubes which contained metal oxinates were placed in a 
vacuum oven and heated overnight at 150°C to effect dehydration to the anhydrous compounds. It 
had been established by previous work" that complete dehydration took place under these conditions 
while the temperature was not high enough to pyrolyse the anhydrous chelates.| The tubes were 
removed from the oven and cooled in a desiccator. The tubes were then connected to a vacuum line, 
evacuated to a pressure of about 3 « Hg and sealed under vacuum, with a torch. Samples of recrys- 
tallized oxine were treated in the same manner except that they were not dried in the vacuum oven. 

The tubes were heated, four at a time, in a tube furnace with each tube entirely within the hot 
zone. To minimize the temperature gradient within the furnace a special tube holder was designed 
which incorporated auxiliary heating coils above and below the tubes. Three chromel—alumel 
thermocouples were spaced throughout the chamber formed by the holder and the furnace walls. 
The output from the thermocouples was recorded by a multichannel recorder. By varying the voltage 
supplied to the auxiliary coils, with Variac transformers, it was possible to decrease the temperature 
gradient to about 1°C throughout the chamber. The temperature of the furnace proper was regulated 
by means of a thermocouple controller to about +1°C. 

The tubes were placed in the holder and the furnace heated to the temperature of measurement, 
within about 10 min. Timing was begun when the temperature came within 5°C of the desired 
temperature. After the desired heating period the tubes were cooled rapidly to room temperature. 
Tubes containing metal oxinates could be heated without difficulty to 580°C. Oxine, itself, however 
could only be studied to 460°C, because of the high pressures developed in the tubes 

Each cooled tube was wrapped in polyethylene film and thoroughly pulverized with a hammer. 
The pulverized tube was partially unwrapped, placed together with the polyethylene in a beaker and 
20 ml of 1 M aqueous HCl added. The mixture was stirred for 15 min and 180 ml water added. After 
stirring for an additional 15 min, the liquid was filtered through filter paper into a 500 ml volumetric 
flask. The polyethylene, beaker, and filter were washed repeatedly with small portions of 0-1 M HCl, 
which were added to the flask. The flask was finally brought to volume with 0-1M HCl. This solution 
was further diluted, quantitatively, 35 to 100 or 1 to 100 with 0- 1 M HCI for the measurements of 
absorbance at 358 or 252 my respectively. 

* Sufficient HCI was used to convert the initially formed oxine completely to the oxinium ion, [C,H,- 
NO]*. Titration of the resulting solution with KOH gave first an ill-defined end point at about pH 4-3 due to 
the neutralization of excess HCl. Neutralization of the (Cg,H,NO)* ion was then followed by a sharp end- 
point at a pH of about 7. The latter end-point was used to calculate the ratio H*/M. 

+ It was noted, however, that some hydrolysis of the Ba oxinate took place during the drying procedure, 
apparently according to equations (3) and (4) in the text. No means was found for eliminating this hydrolysis 
since, even in high vacuum, hydrolysis was found to occur at the temperatures necessary to dehydrate the 
chelate. The amount of hydrolysis which occurred under the drying conditions used here was, however, 
quite reproducible. The anhydrous Ba oxinate obtained thus contained excess Ba, but not free oxine, since 
the latter volatilized from the tubes as formed. Hydrolysis of this type was not significant for the other 
metal oxinates studied. 
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Absorbance measurements were made for the acid solutions using a Cary model 14 spectrophotom- 
eter and 1 cm quartz cells. The solutions were run against water in the solvent cell. Although only 
the absorption peaks at 252 and 358 mu were utilized, in general the entire spectrum for each solution 
was run in the region 220-400 mu. The spectra of the nonpyrolysed metal oxinates in 0-1 M HCl 
were found to be identical to the spectra of equivalent amounts of oxine in the same solvent. 


Thermogravimetric runs 
Weight loss-temperature curves for each of the metal oxinates were obtained by means of an 
matically recording thermobalance of the type previously described.'*’ Fifty milligram samples 
lrated oxinates were used. The runs here differed from those previously described“? in that 
the apparatus was not evacuated. After introducing the sample, the closed system was flushed with a 
1 of dried argon (99-995 per cent) at about 50 ml/min for 2 hr. The run was then begun with the 
rgon continuing throughout the run. The temperature rise with time was nearly linear at 
At the conclusion of the run the residue remaining in the platinum sample container was 


To determine the metal content of the residues, the latter were ignited in air to the carbonates or 
oxides which were dissolved in acid and titrated with EDTA. The residues from the argon runs were 
not destroyed readily by acids, even when hot and concentrated. 

The metal content of the sublimed material from the magnesium run was determined by first 
dissolving in aqueous 0-1 M HCI and evaporating to dryness. The residue was dissolved in water and 
finally the light emission at 371 my was measured with a flame photometer. 


Investigation of the pyrolysis residues 


To facilitate investigations of the properties of the residues from pyrolysis in argon, larger scale 
runs were made in which 500 mg of each of the hydrated metal oxinates were heated in porcelain 
crucibles under the same conditions used for the thermobalance runs above. After heating to 725°C 
1 


the crucibles were cooled in argon and the residues stored in a desiccator. 


C 
To determine the degree to which the metal present in the residues could be extracted with acid 


the following procedure was carried out. A portion of the residue was finely powdered in a mortar 
nd a 50 mg sample weighed into a beaker. One hundred millilitres of aqueous 0-1 M HCI was added 
and the mixture stirred with a magnetic stirring bar for the desired time. The liquid was filtered 
rapidly through filter paper and the residue washed with 100 ml water, which was added to the 
iltrate. Extracted metal present in the filtrate was determined by titration with EDTA. 
The residues resulting from heating the oxinates in argon were analysed in the same manner as for 
the undecomposed oxinates. Considerable difficulty was experienced, however, 1 obtaining good 
trogen analyses. Analyses by the Dumas method gave very low results. Analyses by the K j<ldahl 
zave Satisfactory results which still, however, are probably less accurate than is usual for this 


method 


Determination of gaseous products 


One hundred milligrams samples of the anhydrous oxinates were placed in sealed Vycor glass 
tubes (100 ml capacity) under a pressure of 600 mm Hg of argon. The samples were heated 4-0 hr in 
a tube furnace at constant temperature. Volatile products were free to diffuse to cooler portions of 
the tube outside the furnace. After the tubes were cooled to room temperature their gaseous contents 


were analysed by means of a mass spectrometer. 


RESULTS AND DISCUSSION 


Composition of « ompounds 


Although oxine is much used for the gravimetric determination of magnesium * 
(and to a much lesser extent for the determination of calcium) comparitively little is 


(5b) 


known about the physical properties of the alkaline earth oxinates. The magnesium, 


R. G. W. HOLLINGSHEAD, Oxine and Its Derivatives Vols. 1 and 2, (a) p. 323 (b) p. 74 (c) p. 325 


Butterworths London (1954). 
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calcium and barium oxinates were first prepared by Fox, ® while the strontium com- 
pound has been reported by THILO and DeMantT. Some disagreement exists con- 
cerning the degree of hydration of the magnesium chelate but a number of workers 
have reported the existence of the dihydrate.” According to Fox‘® the calcium and 
barium oxinates are variable in degree of hydration, depending on the preparation 
procedure. THILO and DeMANT“? prepared the dihydrate of strontium oxinate. 

The magnesium and strontium oxinates, as prepared here, are the dihydrates when 
dried at room temperature. The calcium and barium chelates correspond in composi- 
tion to the tetrahydrates when dried under the same conditions. The analyses and 
ratios, oxine/metal and H*/M, listed in Table 1 are in good agreement with the 
theoretical values for the structure I, given above. The infra-red spectrum obtained in 
the present work for the hydrated magnesium oxinate agrees well with that given by 
STONE.“ The spectra for the other oxinates are quite similar to that of the magnesium 
compound. 


Heat stability studies—sealed tube experiments 

In previous work involving the attempted pyrolysis of the metal oxinates in vacuo 
the volatility of many of the unchanged oxinates was a problem. To obviate this diffi- 
culty, in the present work, we have carried out a series of heat stability studies in which 


the compounds were heated in sealed evacuated glass tubes. 

The method chosen to determine the extent of pyrolysis for a given experiment was 
the following. The contents of the heated tube were dissolved in a large excess of 
aqueous HCI solution. Under these conditions unchanged metal oxinate is converted 


quantitatively to the 8-hydroxyquinolinium (oxinium) ion according to equation (2). 


Under the same conditions, oxine itself is also quantitatively converted to the oxinium 
ion. The latter ion is characterized by strong absorption bands in the ultraviolet, at 
252 and 358 mu. The absorbance of the pyrolysis mixtures at these wavelengths 
can be used as a measure of the amount of undecomposed oxinate remaining. Since 
decomposition products may also absorb appreciably at these wavelengths the amount 
of remaining oxinate cannot in general be determined quantitatively after significant 
pyrolysis has occurred. The absorbance at either of these two wavelengths, however, 
can be used to establish the temperature regions over which pyrolysis is rapid. 

Fig. | shows a series of curves obtained by plotting absorbance against temperature 
for a series of 4 hr runs. Each of the curves is characterized by an initial horizontal 
‘6) J. J. Fox, J. Chem. Soc. 97, 1122 (1910). 

7) E, TuiLo and B. DeMANT, Ber. Dtsch. Chem. Ges. 72, 1048 (1939). 


K. G. Stone, J. Amer. Chem. Soc. 76, 4997 (1954). 
9) T, MOELLER and F. L. PUNpsACK, J. Amer. Chem. Soc. 76, 617 (1954). 
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Variation of absorbance with pyrolysis temperature for oxine and the metal oxinates 
ssolved in 0-1 M aqueous HCl). Arrows indicate temperature at which decomposition was 
evident by visual inspection of the cooled tubes. The pyrolysis time corresponding 


to each point is four hours. 
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portion over which no appreciable pyrolysis has occurred. At a temperature charac- 
teristic of the substance, pyrolysis begins as indicated by a departure, at both wave- 
lengths, from the horizontal portion of the curve. The curves at both 252 and 358 
my, for the Mg and Ca oxinates, show a continual decrease in absorbance over the 
pyrolysis temperature region. The 358 my curves for the other substances, however, 
show an initial rise in absorbance followed by a decrease in absorbance. The latter 
behaviour evidently indicates the initial formation of some intermediate decomposition 
product which absorbs more strongly than the oxinium ion at 358 mu. At higher 
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0-1 M HCl), plotted as a function of the number of hours of pyrolysis. 








temperatures the initially formed product is evidently converted to other products 
which are either insoluble or which do not absorb appreciably in this wavelength 
region. 

It will be observed in Fig. | that all the metal oxinates investigated are more heat 
stable than is oxine itself. This is contrary to what has been observed for the relative 
heat stabilities of acetylacetone and its metal chelates.!” The metal oxinates have a 
high degree of heat stability relative to most of the other metal chelates which have 
been studied.“ All the metal oxinates are rather similar in resistance to pyrolysis but 
they can be arranged in the following order of decreasing heat stability: Ca > Mg 
Sr Ba. This order is similar to, but not identical with, the order of decreasing 
stability toward dissociation (to hydrated ions) of the oxinates in aqueous solution. 
The latter order is Mg > Ca > Sr > Ba." 

Pyrolysis of the oxinates was accompanied by a visible darkening of the tube 
contents, and the completely pyrolysed materials were black and resinous in appear- 
ance. A considerable amount of black residue remained undissolved when the tube 
contents, obtained at the higher temperatures, were extracted with aqueous HCl. The 
temperature was noted at which visible decomposition first became apparent when the 
cooled tubes were examined. These values are given in Fig. 1. While rather subjective 
these data agree well with the temperatures of the onset of pyrolysis, as indicated by 
the curves in Fig. 1. 

10) R. G. CHARLES, W. M. HicKAM and J. VON HoeEne, J. Phys. Chem. 63, 2084 (1959). 
11) R, NASANEN, Acta Chem. Fenn. B 2, 11 (1953). 
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In order to study the effect of varying the time of pyrolysis, the data in Fig. 2 were 
obtained. At the higher temperature, in each case, a short induction period is followed 
by rapidly decreasing absorbance which in turn is followed by a more gradual approach 
toward zero absorbance. It is evident from Fig. 2 that the temperature at which the 
pyrolysis first becomes significant is rather insensitive to the heating period chosen. 
Heat stability studies—thermogravimetric runs 

Previous thermogravimetric work with the metal oxinates has been restricted to 
runs in vacuo™) or in air."“?-™ In the present study runs were made in argon, at 
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Fic. 3.—Weight loss curves for hydrated alkaline earth oxinates heated in an atmosphere of 
argon. Fifty milligram samples were used. The curves are displaced along the ordinate 


atmospheric pressure, to supplement the sealed tube experiments. Fig. 3 shows the 
weight loss curves obtained under these conditions. Initial weight losses (to about 
170°C) were due, in each case, principally to the loss of water of hydration. Weight 
losses to 170°C are in fairly good agreement with the theoretical values for dehydration 
of the Mg, Ca and Sr oxinates. The weight loss for the Ba chelate is, however, only 
about one half the theoretical value for the tetrahydrate. The Ba curve is characterized 
by a second pronounced region of weight loss from 170 to 200°C. The latter weight 
loss was accompanied by the formation of colourless, needle-like, crystals as a 
sublimate above the furnace. The crystals were shown to be oxine by means of the 
melting point, the ultra-violet absorption spectrum, and the precipitate formed with 
aqueous copper acetate. The oxine apparently arises through the solid state hydrolysis 

reactions (3) and (4). 
Ba(C,H,NO),°4H,O — Ba(C,H,NO)OH + C,H;NO — 3H,O (3) 
Ba(C,H,NO)OH H,O — Ba(OH), + C,H;NO (4) 

M. Borret and R. Paris, Analyt. Chim. Acta 4, 267 (1950). 


18) C,. DuvAL, Jnorganic Thermogravimetric Analysis, Elsevier, New York (1953). 
M4) W. W. WENDLANDT and J. H. VAN TASSEL, Science 127, 242 (1958). 
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It was shown in a separate experiment that oxine alone sublimes completely in the 
temperature range 170—-200°C when heated under the same conditions used for the 
barium oxinate run. 

Much smaller amounts of oxine were formed also during the Mg, Ca, and Sr 
oxinate runs. This oxine is presumably formed through reactions analogous to 
equations (3) and (4). An estimate of the amount of oxine formed was obtained by 
separate runs in which the compounds were heated only to 250°C. The sublimed oxine 
was measured by means of the absorbance of 0-1 M HCI solutions at 358 my. The total 
number of milligrams of oxine found for the Mg, Ca, Sr and Ba chelates were respec- 
tively 1-1, 1-8, 0-8 and 7:8. The value for Ba oxinate agrees well with the weight loss 
from 170 to 200°C in Fig. 3. Weight losses, of the proper order of magnitude, due to 
the sublimation of oxine are detectible also for the Mg, Ca and Sr oxinates in Fig. 3, 
but are too small to be measured accurately by the procedure used. 

A region of weight loss is observed for each of the oxinates between 450 and 550°C 
in Fig. 3. These weight losses, which are quite small for the Ba and Sr compounds, but 
greater for the Mg and Ca chelates, correspond to the temperature region for the onset 
of pyrolysis as determined from Fig. 1. Beyond 550°C the decomposition products 
continue to lose weight slowly and a horizontal region of the curves has not been 
reached at 725°C. The residues remaining from these runs were analysed for metal. 
Each of the residues was found to contain all the metal initially present in the oxinates, 
within the accuracy of the measurements. This indicates that no very appreciable sub- 
limation of unchanged oxinate could have occurred during the runs. Small amounts of 
sublimed oxinate (a few milligrams) could not be detected by this method since the 
resulting small change in residue metal content falls within the combined experimental 
error of the analyses. The sublimed material from the magnesium oxinate run was 
analysed and found to contain an amount of magnesium equivalent to 2:7 mg of 
anhydrous magnesium oxinate. 


Analysis of gaseous decomposition products 

A series of experiments was caried out utilizing a mass spectrometer to identify and 
determine those pyrolysis products which were volatile at room temperature. Each 
of the metal oxinates was heated for 4 hr at a temperature just sufficient to effect 
complete decomposition. The temperatures were 500°, 550°, 525°and 500°C for the 
Mg, Ca, Sr and Ba chelates respectively. In each case the only significant gaseous 
product was H,. The number of moles of H, evolved per mole of oxinate taken were 
respectively 0-5, 2:1, 0-7 and 0-7. 


Nature of the pyrolysis residues 


Table 2 lists elemental analyses for the residues obtained by heating (in open 


containers, in argon) 500 mg samples of the oxinates to 725°C. The residues were 
found to contain substantial amounts of C, H, N and O (by difference) in addition to 
metal. The analyses are similar to those found previously for the pyrolysis products 
of the oxinates run in vacuo.“ The atomic ratios C/N do not differ from the 
theoretical value 9 for the undecomposed oxinates. 

Attempts were made to extract the metal present in the residues with dilute acid. 
Fig. 4 shows the per cent metal (of that initially present) which was extracted by 0-1M 





220 R. G. CHARLES 
HCl, as a function of time. Each curve is characterized by an initial sharp rise corre- 
sponding toa fast reaction with a portion of the metal. This is followed by a portion of 
the curve of much smaller slope which corresponds to slow extraction of additional 
metal. In each case most of the metal was retained by the residue even after 40 hr of 
extraction. The amount of metal extracted in the first hour decreased in the order 


TABLE 2.—COMPOSITION OF PYROLYSIS RESIDUES FROM 
METAL OXINATES 
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Per cent metal leached from oxinate residues by 0-1 M HCl, as a 


function of time in the acid. 


Ba S1 Ca Mg. It is interesting that this is the order of increasing stability 
toward dissociation in solution for the undecomposed oxinates.“’ A portion, or all, 
of this extracted metal may be that which arose through the hydrolysis reactions (3) 
and (4), above. 

[he evolution of hydrogen during pyrolysis suggests that the residues obtained 
consist, at least partially, of polymeric species in which the metal chelate ring systems 
are retained. The analytical results obtained for the residues and their resistance to 
acid are consistent with this view. A possible structure for such polymers is III. More 
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highly conjugated structures such as IV should also be possible. The system of con- 
jugated double bonds present in such structures would account for the dark colour of 
the residues obtained. 


M=Mg, Ca, Sr, or Ba 


An infinite chain corresponding to formula III would require the evolution of one 


mole of hydrogen per mole of oxinate taken w hile two moles of hydrogen would be 
evolved to form an infinite chain of type IV. Experimentally, less than one mole of 
hydrogen is evolved per mole of oxinate taken for the Mg, Sr and Ba chelates at the 


temperatures studied. This indicates that relatively low molecular weight products are 
formed under the conditions used. The hydrogen evolution from calcium oxinate, 
however, corresponds well with that expected for IV. A more detailed study of hydro- 
gen evolution as a function of temperature has been initiated for each of the alkaline 


earth oxinates. Results will be reported in a later paper. 


Acknowledgements—The writer is grateful to Mrs. M. A. DoLaN for help in the experimental portion 
of this work, to Dr. J. H. Lapy and his group for the infra-red spectra and flame photometry results, 
to Dr. F. P. Byrne and his group for some of the analyses, and to Dr. W. M. Hickam for the mass 


spectrometer results 





ucl. Chem., 1961, Vol. 20, pp. 222 to 228. Pergamon Press Ltd. Printed in Northern Ireland 


PREPARATION OF GALLIUM-CONTAINING 
MOLECULAR SIEVES 


J. SELBIN* and R. B. MASON 
Esso Research Laboratories, Humble Oil and Refining Co., 
Baton Rouge, Louisiana 


(Received 30 November 1960; in revised form 23 January 1961) 


Abstract—Several new zeolites have been synthesized in which either part or all of the alumina 
(Al,O;) has been replaced by gallia (Ga,O;). Some of these crystalline products have the adsorptive 
properties of molecular sieves. The preparation of a pure gallia sieve with the 13X (alumina sieve) 
structure involves some marked changes in several reaction variables. The gallia sieve is entirely 
analogous to the alumina sieve, in X-ray powder pattern, composition, and adsorptive capacity. 
The preparation of the gallium analogue of sodalite is also reported along with another new gallio- 
silicate with no known alumina counterpart. 

Partial replacement of alumina by gallia has been effected by several different routes with the 
weight per cent gallia ranging from 7 to 20, the latter representing a 1 : 1 mole ratioof galliatoalumina 
in the product. These “mixed” sieves show very good adsorptive properties also. 


SYNTHETIC molecular sieves are crystalline zeolitic aluminosilicates that possess 
selective adsorptive properties.”’ These selective adsorptive properties are readily 
explained by their interesting crystalline structures, which have been studied in some 
detail. ‘*4 

The molecular sieves commonly identified as 4A and 13X are crystalline alumino- 
silicates having the empirical formulas 


Na,O-Al,O,:2SiO,: XH,O and Na,O-Al,O,: 2:5 + 0:5 SiO,-H,O, 


respectively, and they are obtained by precipitation from alkaline mixtures of alumina 
and silica. It should be noted that the 13X sieve appears to have a structure similar to 
that of the mineral faujasite.~) The 5A sieve results upon partial replacement of the 


sodium ions with calcium ions. 

The same basic building unit is present in 4A, 5A, and 13X sieves.’ This building 
block is a cubo-octahedral structural unit similar to that in the mineral sodalite. Itisa 
cage structure containing silica and alumina tetrahedra joined to one another in such 
a way as to give an over-all stoicheiometry of Na,O-Al,0,°2SiO,. 

If we wish to make sieves of new composition, we may substitute (wholly or 
partially) for Na,O, Al,O, and/or SiO,. To replace the sodium is, as we’ve seen, 
relatively simple, since it is present in the structure as an ion which can move through 
the structure and be exchanged for other cations. Indeed, many monovalent and 
divalent cations have been substituted for the sodium ion in this fashion™ without the 
structure losing its sieve properties. However, the trivalent aluminium and tetravalent 
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5963 (1956) 

L. Broussarp and D. P. SHOEMAKER, J. Amer. Chem. Soc. 82, 1041 (1960). 

r.B and D. W. Breck, J. Amer. Chem. Soc. 78, 5972 (1956). 

R.M ARRER and W. M. Meier, Trans. Faraday Soc. 54, 1074 (1958) 


999 





Preparation of gallium-containing molecular sieves 


silicon are located at the centres of tetrahedra of oxygen atoms and are therefore fixed 
in the structure and immobile. Their replacement is thus severely limited and must be 
made during the formation of the sieve structure, if at all. 

Recently, BARRER ef al.) succeeded in replacing Al,O,; by Ga,O, and SiO, by 
GeO,. They prepared three aluminogermanates, Na-R (faujasite-type, like 13X), 
Na-Q (analogue of 4A), and Na-P (analogue of harmotome); three gallogermanates, 
Na-V (Thermsonite-type zeolite), Na-R and Na-I (analogue of basic sodalite); and 
one gallosilicate, Na-V. Thus, while they obtained two aluminogermanates and a 


gallogermanate with sieve properties, they did not obtain a gallosilicate having sieve 


properties. 

Molecular sieves have now been prepared in which either part or all of the alumina 
has been replaced by gallia. These crystalline products all have the 13X structure and 
adsorptive capacity comparable to that of 13X. Also, the gallium analogue of sodalite 
has been prepared along with a new crystalline gallosilicate which does not have 
adsorptive capacity. 


EXPERIMENTAL 
A. Starting materials 

The following substances were used for the preparations to be described. Reagent grade NaOH 
was used in all cases to supply the necessary alkaline conditions and also served as a source of Na,O. 
The source of the Al,O, was reagent grade sodium aluminate. The SiO, was derived from one of the 
following sources: 

(1) Metso granular (sodium metasilicate) of composition Na,O, 28-7%; SiOz, 29:1%; H,O, 

42:2%. 

(2) N-Brand silicate of composition Na.O, 9:-4%; SiO», 29:5%; H,O, 61%; or 

(3) Silica hydrogel of composition SiO2, 19%; HO, 81%. 

For the source of Ga,O3, pure gallium metal was dissolved in aqua regia and, by successive evapora- 
tions and water additions, all nitric acid was expelled until only tetrachlorogallic acid remained. 

From this latter solution, gallium hydroxide, best approximated by the formula GaO(OH), was 
precipitated by ammonia addition. This white solid dissolved in NaOH was used in initial experiments. 
Later experiments employed either direct addition of the acid gallate solution to the alkaline silicate 
solution or a sodium gallate solution was first prepared by adding excess NaOH to the HGaCl, 
solution. 

The general procedure used in all preparations was the same. Two solutions were prepared: 
one containing the alkaline gallate or aluminate and the predetermined amount of NaOH, and the 
other containing the alkaline silicate. These two solutions were then mixed, either at room tempera- 
ture or above, and the resulting mixture then mechanically stirred and heated at some constant 
temperature, either reflux or below. 

At the end of the heating time, the mixture was filtered while still warm, and the solid product 
washed well with water and dried in an oven at 120°C prior to analysis. 


B. Preparation of sodium gallosilicates 

It should be made clear that many amorphous products (according to their X-ray powder patterns) 
were obtained during the course of this investigation. Although many of these products were analyzed 
for composition, none of them were studied further. Also, the first two compounds to be described, 
which do not possess sieve properties, were not specifically sought, but were prepared in the various 
experiments designed to obtain sieves. 

1. New sodium gallosilicate, NagO-Ga,O 3° 2:8 SiO,. Initial experiments employed reaction 
conditions similar to those used to obtain the Al-13X sieve.'*’ These require high alkalinity, e.g., 
soda to silica ratios of 1-5 or greater, high temperature, reflux (102°C), and relatively short reaction 
time of 4-6 hr. No solids were obtained when gallate replaced aluminate in such reaction mixtures 


(5) R. M. Barrer, J. W. BAYNHAM, F. W. ButtiTupeE and W. M. Meier, J. Chem. Soc. 195 (1959). 
(6) R. M. Mitton, U.S. Pat. 2 882 244 and 2 882 243. 
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when Na,SiO, was used as the silicate. Addition of acid or lowering of the initial alkalinity to Na,O/ 
SiO, = 0:5-1-0 produced only amorphous solids. By substituting N-Brand silicate (see above) for 
sodium meta-silicate and increasing the reaction time to 20 hr, a crystalline gallosilicate was obtained. 
Table 1 shows the conditions under which this new material was produced. (Found: Na,O, 148; 
Ga.O;, 46-0; SiO, 41-0°%.) 


TABLE 1.—CONDITIONS USED IN THE PREPARATION OF A NEW GALLOSILICATE 
Temperature, 102°C; Time, 20 hr 


Ga,O, Source SiO, Source Na,O/Si0O, SiO,/Ga,O, 





NaGaO, N-Brand 0-9 4-0 
*NaGaO, N-Brand 0-3 5-0 
HGaCl, N-Brand 1-6 3-0 
HGaCl, Silica gel 1-5 4:0 





* Time 

This gives an empirical formula of Na,O- 1:03 Ga,O,- 2:82 SiO2, which is almost identical with that 

for Al-13X. The X-ray diffraction pattern shows the material to be quite crystalline, but the details 

of the structure have not been evaluated. Experimental data showing the interplanar or d-spacings 
in Table 2 


TABLE 2.—X-RAY DATA ON A NEW GALLOSILICATE 





Relative 


“ d-spacing (A) 
indensity ” 





moderate; v.s. very strong 


The product in the presence of water forms a thixiotropic paste, a property it has in common with 
sodalite and sieves, but it shows no capacity to absorb n-heptane and only slight capacity for water. 
Its surface area is 21 m*/g, pore diameter 361 A, and pore volume 0-19 cm*/g. 

2. Gallium analogue of sodalite. By returning to sodium metasilicate as the silica source and 
employing the following ratios of reactants: Na,O/SiO, 1:0; SiO,/Ga,O, = 4-0, at a temperature 
of 102°C for 4-20 hr, the gallium analogue of sodalite was prepared for the first time. (Found: Na,O, 
12:6; Ga.O,, 48-0; SiO., 38-4%) 

This analysis gives an empirical formula of Na,O- 1:27 Ga,O,° 3-15 SiO,. Since this material has 
no sieve properties, no attempt was made to obtain a purer product. That the material does contain 
the gallium sodalite is evident from the X-ray powder diffraction pattern shown in Fig. 1 along with 
the aluminium sodalite pattern for comparison. The only significant difference is in the increased 
intensity of the line at 28-2°, 20. This preparation marked the first indication that a gallium sieve 
could be prepared since the sodalite cell is the building block in the known molecular sieves. However, 
attempts to convert the gallium sodalite to a 13X sieve by methods which have yielded 13X from 


aluminium sodalite gave only amorphous materials. 
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X-ray traces of aluminium and gallium sodalites. 
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Fic. 2.—X-ray traces of gallium and aluminium-13X sieves. 
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3. New sodium gallosilicate with molecular sieve properties and 13X structure, Ga—13X. Success in 
preparing a gallium-containing sieve was achieved when it was realized that not only must alkalinity 
be reduced, but also the reaction temperature. The desired sieve material was prepared by adding 
tetrachlorogallate solution to an alkaline sodium metasilicate solution (Na,O/SiO, = 0-5-1-0; 
SiO,/Ga,O0, = 3-0-5-0) at room temperature and then heating at 70°C with vigorous stirring for 
20-22 hr. (Found: Na,O, 15:2; Ga,O3, 46:0; SiO., 38-3°%). 

These data give the empirical formula for the anhydrous material: Na,O- 1-00 Ga,O,- 2-60 
SiO,. The X-ray pattern is almost identical for this material and the aluminium—13X, as can be seen 
from Fig. 2. Table 3 compares the d-spacing values for the aluminium and gallium 13X sieves. The 
slight differences in the X-ray data indicate a small expansion of structure upon replacing the alumin- 
ium with gallium. A sample of Ga—13X adsorbed 0-17 cm*/g n-heptane at 95°C and 30 mm Hg 
pressure. This compares well with the common 0-20 cm*/gm value obtained for Al-13X. 


TABLE 3.—COMPARISON OF d-SPACINGS FOR Al—13X AND Ga-13X 





Al-13X (A) Ga-13X (A) 


14-3 14-3 
8-76 8-76 
7:44 7-50 
5-68 5-71 
4:77 4-82 
4-40 4-42 
4-19 4-23 
3-93 3-95 
3-77 3-80 
3-58 3-62 
3-48 3-50 
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C. Preparation of mixed gallium-aluminium sieves 

In general, the method was to add a gallium solution, either NaGaO, or HGaCl,, and an alumin- 
ium solution, either NaAlO, or Al,(SO,)s (so that Ga/Al 1), to an alkaline NaSiO, solution and 
heat at 85-102°C for 4-20 hr. 13X sieves containing from 7 to 20 weight per cent gallia were obtained 
this way (the latter value corresponding to a 1:1 gallia—~alumina mole ratio). The silica to combined 
gallia-alumina mole ratio varied from 2:3 to 2:6. All samples gave the 13X X-ray pattern and showed 
good adsorptive capacity for n-heptane and toluene. 

An alternative method of preparing a “‘mixed” sieve was to treat an Al-13X sieve with a solution 
of NaGaO, under reflux conditions for 20 hours. 
D. X-ray data 

X-ray powder diffraction patterns were obtained on General Electric XRD-3 equipment using 
copper K, doublet radiation. 

DISCUSSION 

The important reaction variables which distinguish the preparation of the gallium 

sieve from that of the aluminium are the alkalinity, reflected in a lower soda to silica 
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ratio, the reaction temperature, which must be about 30°C lower, and the reaction 
time, which must be about four times greater. No product is obtained when the soda 
to silica ratio exceeds 1-0, and either gallium sodalite or an amorphous material is 
obtained when temperatures in excess of 70°C are employed. The decreased reaction 


temperature is probably the cause for the necessity of increased reaction time, which 


must be 20-25 hr to produce a highly crystalline and pure product. 

Several experiments were designed to produce a gallium sieve analogous to the 
aluminium 4A sieve. The aluminium sieve is obtained by lowering the reactant ratio 
SiO,/AI,O, to about 2-0, and raising the Na,O/SiO, to about 3-0. The latter cannot 
be done with gallium since no solid product is obtained. When the SiO,/Ga,Q, is 
made 2-0, keeping the Na,O/SiO, at 1-0, a poor 13X product results. 
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Abstract—UC1,°PCI, is obtained as bright red-orange, tabular twinned crystals of triclinic symmetry. 
Evidence that this compound is ionized in POCI,; as PCI,* and UCI,” is given by electrolyses in which 
UCI, is liberated at the anode and PCI, and PCI, at the cathode. From the anolyte, the compound 
2UCI,-UCI,-6POCI, was recovered. This compound was also obtained in UCI;-PCl;—POCI, solutions 
reacted with about 1%, water. Optical crystallographic and X-ray powder pattern data were obtained 


for these compounds. 


THE only reported addition compounds of UCI; are UCI;-SOCI,") and UCI;-PCI,.? 
The latter compound, briefly investigated by Cronander in 1873, was the subject of the 
research reported here. CRONANDER prepared UCI;-PCI; in a sealed tube and con- 
sidered the product to be amorphous. He investigated the reaction between this 
double compound and H,, HCl and H,O. He reported that UCI,-PCI; sublimed and 
gave PCI; on heating. 
EXPERIMENTAL 

The pentavalent state of uranium is unstable in the presence of moisture. Consequently, all 
operations were conducted, as nearly as possible, under anhydrous conditions. 

In a previous paper analytical procedures, optical and X-ray crystallographic methods and 
techniques for the purification of phosphorus oxychloride were presented.'*) Additionally, the 


following methods and techniques were developed for use in these investigations. 


Preparation of the compound UC1;°PC1; 

This preparation is based on the observation of SutTtLe™ that UCI;-PCI, is obtained by agitating 
solid anhydrous orange UO, with PCl;. 

The stoicheiometry of the reaction is given in equation (1). 


UO; + 4PCl, — UCI;-PCl, + 3POCI, $Cl, (1) 


Reagent grade PCI; was used without further purification. Anhydrous UO, was prepared by 
dehydration and deoxygenation of hydrated uranium peroxide, UO,:2H,O."’ Several coloured 
forms of UO; were reported by Friep and Davipson.'® In the present work it was found that the 
reactivity of these forms with PCI; increased in the order, yellow, orange and red. 


* Taken in part from dissertation submitted by R. E. PANZER to the Graduate School of the University 
of New Mexico in partial fulfillment of the requirements for the degree of Doctor of Philosophy in Chemistry. 

+ Present address: U.S. Naval Ordnance Laboratory, Corona, California. 

+ Present address: Lawrence Radiation Laboratory, University of California, Berkeley, California 
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The preparation of UCI,-PC1,; was carried out in a 500 ml, three-necked flask which was equipped 
with a Hershberg stirrer and a Liebig condenser with a drying tube attached at the open end. The 
third neck was closed with a 50 ml delivery burette having a standard taper joint below the stopcock. 
20:0 g of UO; and 58-2 g of PCI; were added through the third neck of the flask which was then 
sromptly closed. As the reaction proceeded it was necessary to stir the reaction mixture and cool 
ask in an ice-bath to prevent overheating of the mixture and consequent disproportionation of 
pentavalent uranium. If the reaction had been conducted properly a dark red pasty mixture would be 
obtained. At this point 20 ml portions of POCI,; were added via the delivery burette. (Caution: 
no POCI, before this point). The ice-bath was replaced by a steam bath and the mixture warmed 
to dissolve the product. The saturated solution in POCI, was transferred via a fritted glass filter 
stick to a dry flask and cooled to crystallize the UCI;-PCl;. Yields approached 100 per cent of theor- 
etical, but use of a 1-3 per cent excess of UO, is advisable to prevent coprecipitation of any excess 


I 
t 


fi 


he 


PCI; or formation of products such as UCI;-2PCI,. 

The above method was preferred to that in which the reagents were dissolved or suspended in 
POCI, and reacted together. Direct union of UCI; and PCI; offers no advantage. Analysis of the 
product is consistent with the formula, UCI,-PCl;. Found: U, 38-17; Cl, 56-9; P, 4-94. Theoretical; 
U, 38-18; Cl, 56°86; P, 4-945 


Preparation of uranium chlorides 


Uranium tetrachloride was prepared by the method of HERMANN and SUTTLE"”. 

Uranium pentachloride was prepared by the method described by Wess involving the reaction 
of UCI, and chlorine at elevated temperatures.'* 

Uranium hexachloride was prepared by the disproportionation of uranium pentachloride. 


Determination of the valence of uranium 

Two samples of the compound were taken. In one the total uranium was determined. The second 
sample, weighed and preserved under anhydrous conditions, was quickly treated with a standard 
solution of potassium dichromate (0-1 N, acidified to 3 N with sulphuric acid). The reacting mixture 
of the uranium compound and dichromate was agitated to ensure complete reaction. The excess 
dichromate was then titrated with standard ferrous ammonium sulphate in the presence of phos- 
phoric acid using sodium diphenylamine sulphonate indicator. The endpoint was adjusted 
with the dichromate. The per cent uranium was calculated on the basis of a valence change of one 
in the uranium-dichromate reaction. Then if some U(IV) was present it gave a higher result than 
U(V) while U(VI) had no effect. Combining the results from the total uranium analysis and the 
partial analysis just described, the average effective valence (AEV) of the uranium was calculated 
using the following equation. 


partial uranium 
6-00 





average effective valence 
total uranium 7 


Spectrophotometric me thods 
Absorption spectra were obtained using a Beckman Model DU Spectrophotometer with tungsten 
light for spectra in the visible and near infrared range. Silica cells of 1 cm light path and having 
12 standard taper stoppers were dried under stringent conditions before use to eliminate moisture 
completely. Readings were taken every 10 my in the range from 300 to 1000 mu. Occasionally 
readings to 5 my were taken to fill in a portion of a curve. The usual procedure was followed of 
setting the instrument at zero for each wavelength with a blank of the solvent in use. 


Density determinations of solids and liquids 


The density of solids was determined by direct displacement of benzene. Densities of solutions 
were determined with calibrated 25 ml and 0:32 ml pycnometers. These were filled in a dry atmosphere. 


HERMANN and J. F. SuTTLe, Jnorganic Synthesis, (Editor-in-chief, T. MOELLER), Vol. 5, p. 143. McGraw- 
1, New (1957). 

D. Wees and H. P. Kyte, UCRL Report RL 4.6.51 (1943). 

Katz and Rasinow!Tz (Ed.) The Chemistry of Uranium, Part 1, NNES Div. VIII, Vol. 5. McGraw- 
ll, New York (1951) 





The compound UCI;-PClI; 


Cryoscopic methods 

The degree of dissociation and molecular weight studies were conducted in the special apparatus 
shown in Fig. 1. The solvent was distilled directly into the calibrated melting point tube (G) via side 
arms (C) or (D). Analysed solutions of UCI;-PCI; in POCI, were added through a 10/30 standard 
taper joint (E) from a semi-micro burette. The solution was stirred with a Py rex covered bar magnet 
activated by a magnetic stirrer beneath the apparatus. In calibrating the volume of the apparatus, 
the stirring bar and the bulb of the Beckman thermometer were accounted for in the final volumes 











Fic. 1.—Cryoscopic apparatus (rear view). 
A. 19/22 standard taper joint for Beckman thermometer 
B. 34/45 standard taper joint 
C. Inlet for solvent condenser, 19/38 standard taper joint 
D. Inlet for addition of solid sample, 19/38 standard taper joint 
E. 10/30 standard taper joint for burette 
F. Calibrated volume level 
G. Calibrated melting point tube. 


Using benzene as a standard solute, the molal cryoscopic constant for POCI; was determined to be 


7-67 degrees/mole compared to the accepted value of 7:68 degrees/mole.''” 


Electrolytic techniques 

Solutions of UCI,;-PCl,; in POCI, were electrolysed in the cell shown in Fig. 2. The inert gas inlets 
allowed investigation of gas evolution at the electrodes, for argon sweeping through the cell was then 
passed through suitable absorbants to remove the evolved gas. Tungsten electrodes, 0-076 cm 
diameter and 2-0 cm long, were used because platinum was rapidly corroded during the electrolysis 


(1°) International Critical Tables, Vol. 4, p. 214. McGraw-Hill, New York (1928). 
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in POCI;. Only in the short electrolysis inherent in the determination of current-potential curves was 
it possible to use platinum electrodes. Those curves were determined using the methods described 
by Kort and Bockris.""”) The cells were thermostatted in an oil-bath maintained at 25 + 0-30°. 
Voltage and current measurements were made with Weston meters calibrated at the Los Alamos 
Scientific Laboratory. 

Phosphorus oxychloride used in these studies was subjected to a preliminary electrolysis after 
several initial purifications by fractional distillation. A potential of 90-95 V d.c. was applied to 
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ELECTROLYTIC CELL 


Fic. 2.—Electrolytic cell. 


tungsten wire electrodes about 5 cm apart. The initial current of 50-80 A fell gradually to a constant 
value of 5-13 «A. This indicated that all hydrogen chloride had been expelled, since the conductivity 
of the solvent was then near the theoretical value of 1:7 x 10-* mho/cm. 


RESULTS 

Physical characteristics of UCI;-PCl; determined in the course of this work are as 
follows. 

Density is 3-003 g/cm® at 25°. The compound is very soft, approximately one on 
Moh’s scale. The melting point determined in an evacuated sealed tube is 154°, and 
appears to be a function of the ambient pressure over the compound. When melted 
the compound is a dark red liquid: the solid is bright red-orange occurring in tabular, 
highly twinned crystals. Optical investigations were made on six-sided tabular 
euhedral and elongated crystals which ranged in size from 0-015 = 0-025 mm to 
0-08 « 0-2 mm. Optical data are as follows: 

Refractive indices: Ny 1-697 

\ 1-700 
Ne 1-736 

Axial angle (2V): large 

Optic sign: positive 

Extinction angle (single crystals): 19° from the zone of elongation. 


I 


Colour: yellow-green in plane polarized light. 


G. Kortim and J. O’M. Bockxris, Textbook of Electrochemistry, p. 394. Elsevier, New York (1951). 
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Dispersion: very strong, r > v the blue violet fringe of the dispersion is actually 
deep green, since the blue is absorbed by the compound. 

Birefringence: high with upper 2nd and lower 3rd order colours observed. 

Polysynthetic twinning is common in the tabular crystals and the twin plane is 
parallel to the zone of elongation. Extinction of alternate twins in this zone is about 
18°. The crystals present great evidence of pseudo-symmetry. They appear to be 
monoclinic because the twinning occurs in the manner shown in Fig. 3. In large 
crystals the twinning phenomenon may be readily distinguished, for when a crystal is 
exposed for a short time to atmospheric moisture, there appear alternate light green 
coated and uncoated bands running in the elongated direction of the crystal. This 
indicates there may be a preferred reaction direction under these conditions. However, 


Fic. 3.—Sketch of crystal of UCI;-PCI;, showing twinning habit and pseudo-symmetry. 


the optical investigations show the crystals to be triclinic, Class 1. X-ray data (Table 1) 


were restricted to powder photographs because of difficulty in orientation of single 


crystals. 

The absorption spectrum of UCI;-PCl,; at various concentrations in phosphorus 
oxychloride was investigated. Pipetted samples of an analysed solution of UCI;-PCI, 
in POCI, were placed in 10 ml volumetric flasks and the solution diluted to the mark 
with freshly purified POCI,. The diluted samples were placed in the cells in a dry box 
and the spectra determined as rapidly as possible. 

The spectrum of UCI;-PCI, at a concentration of 0-340 molar (saturated) is shown 
in Fig. 4. The maxima occurring at 960 my are plotted in Fig. 5 versus the concentra- 
tion of eight different solutions of UCI;-PCl; in POCI,. These solutions definitely 
follow Beer’s Law, indicating that there was no change in the absorbing species over 
this concentration range. Interestingly, the sharp extinction in the spectrum below 
540 my was predicted in the optical crystallographic investigations of UCI;-PCI;. At 
that time it was observed that the blue-violet fringe of the dispersion was absorbed by 
the crystals, causing these colours to appear as a deep green. 

The solubility of UCI;-PCl; was determined in various solvents. In the following 
solvents the compound is soluble with reaction: hexachloroethane, o-chlorotoluene, 
ethylene bromide, n-propyl bromide, isopropyl bromide, n-butyl bromide, trimethylene 
bromide, methyl phenyl ether, ethyl phenyl ether, p-cresyl methyl ether, polyethylene 
glycol, ethyl trioxysilane, pyridine, anhydrous acetic acid. 

In the following solvents UCI,;-PCI,; is insoluble and unreactive: ethyl benzene, 
cyclohexane, diphenyl methane, naphthalene, ethylene dichloride, tetrachloroethylene, 
2,2 tetrachloroethane, «-chloronaphthalene, p-dichlorobenzene, carbon tetrachloride, 
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TABLE 1.—X-RAY DATA FOR UCI,:PCl,; AND 2UCI,-UCI,-6POCI, 
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Fic. 4.—Absorption spectrum of UCI,-PCI, 
in phosphorus oxychloride concentration: 
0-340 molar, saturated solution at 25°C. 








The compound UCI,-PCI,; 


isopropyl ether, n-butyl ether, diphenyl ether, carbon disulphide, phosphorus tri- 
chloride. In benzotrifluoride and 1-nitropropane the compound is soluble to an 
undetermined extent. In Table 2 are given the quantitative solubilities of UCI,-PCI,, 
and PCI; alone, in various solvents. 


50 
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Fic. 5.—Plot of absorbance vs. concentration of UCI,;-PCI, in phosphorus oxychloride. 
, Peak at 960 my. 


TABLE 2.—SOLUBILITY OF UCI,;-PCl; AND PCI, ALONE IN VARIOUS SOLVENTS 
(Temperature 25°, unless otherwise noted; units are g/100 ml solvent) 





Solvent UCI;-PCl, PCI, only 
Benzene 2°8 10-2 6:37 
Toluene 14:0 10-° 6:72 
Xylene (natural mix) 14-0 10-' 7-33 
Chlorobenzene 1:8 10-* 6°55 
POCI, 8-08* 12-86 
Petroleum ether (30-60° fraction) 1-11 
Bromotrichloromethane 14-0 
Dibromodichloromethane 10-5 
Ethyl ether 0-351 
Thionyl chloride (SOCI,) 1-61 





* Density of this solution: 1-837 g/ml Concentration: 0-3394; molar 0-209 molal. 


From these data it is seen that UCI;-PCI; is readily soluble only in such ionizing 
solvents as thionyl chloride, phosphorus oxychloride and nitrobenzene. The complex 
compound reacts with many halide-containing solvents, all alcohols, ketones and 
aldehydes. The only non-aqueous solvent in it is soluble without reaction or ionization 
phenomena occurring is ethyl ether. These restrictions on solubility have precluded 
any determination of the molecular weight of the compound. 
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Cl.-PCl, is so insoluble in PCI, that if a solution of the complex uranium com- 
pound in POCI, is treated with PCl, the complex is immediately salted out of solution. 


Since PCI; has an appreciable solubility in certain solvents, as shown in Table 2, 

|.-PCl, was extracted with purified toluene for 12 hr or more in hope that 
eventually the PCl; would be removed. UCI;-PCl; was completely unchanged by 
extraction at temperatures up to the boiling point of the solvent used. 

During the preparative studies of UCI,-PCl; use of an excess amount of PCI; 
resulted in light orange crystalline products whose formulae were determined to be 
UCI,-2PCl, and (b) UCI;-3PCl;. Analysis of these materials was as follows: 

Found: U, 29-25; Cl, 63:5; P, 7:78. Theoretical; U, 28-61; Cl, 63-9; P, 7-46% 

Found: U, 22-5; Cl, 66-6: P, 9-02: Theoretical; U, 22-8: Cl, 68-17; P, 8-94% 

Material of composition (a) was extracted with pure dry toluene at 50° for 4 hr. 

residue was analysed with the following results; U, 38-2; Cl, 56:4; P, 494%. 
Since this is the composition of UCI;-PCI;, the extraction had wa coummeed the 
extra PCI; molecule leaving the parent compound intact. 

When these compounds containing more than one PCI; molecule were heated 
under vacuum, PCI, sublimed away and the residue melted at 154°. 

When UCI,-PCl,; was heated under a reduced pressure of | wu it melted at approxi- 
mately 154°, with some sublimation. There is evidence that the melting point is 
drastically affected by pressure variation. Since vapour pressure studies were not 
conducted further experimentation is necessary to confirm these observations. 

Reaction of UCI,-PCl, with chlorine gas was studied by passing dry purified Cl, 
gas over the complex uranium compound held in a porcelain boat in a tube furnace. 
The temperature ranged from ambient to 400°. The only evidence of a reaction was 
the formation of a trace of uranium hexachloride; even at 400° there was virtually no 
reaction with chlorine. 

A solution of UCI;-PCl; in phosphorus oxychloride was bubbled with chlorine 
gas for twelve hours. Temperature was varied from ambient to the boiling point of 
POCI,, approximately 105°. No reaction was detected; the solution remained the 
usual bright red-orange 

Dilute solutions of UCI;-PCl; in POCI, were studied using cryoscopic methods. 
Solutions of the given concentration were prepared by successive additions of solid 
UCI,-PCl;, or an analysed solution of it, to POCI, in the cryoscopic apparatus pre- 
viously described. The lowering of the freezing point was determined at each con- 
centration. Results are given in Table 3 and plotted in Fig. 6 

These data indicated that several ionic or molecular species were present in these 
solutions (column 3). This phenomenon is discussed more fully below. 

The cryoscopic data suggested that electrolysis of the POCI, solution of UCI;-PCI, 
night prove of interest. Preliminary experiments disclosed that uranium migration 
was taking place and anodic deposition was observed. The decompositon potential 
for hydrogen chloride dissolved in POCI, was determined to be —0-5 V. The curve 
obtained for the uranium complex compound dissolved in POCI, is shown in Fig..7 
No definite decomposition potential was observed. Further investigations using a 
more exact electrochemical method might give interesting results for kinetic 
studies. 

Electrolyses of solutions of UCI;-PCI, in POCI, were conducted at 50 V and 25 mA 
to produce a quantity of the anode product. During these experiments the uranium 
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TABLE 3.—VALUES OF K; FOR UCI.:PCI. 
IN PHOSPHORUS OXYCHLORIDI 
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Fic. 6.—Values of K; (observed) for UCI,;-PCI; in POCI, at various concentrations. 
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content of the catholyte depleted. At the cathode a colourless liquid formed, appear- 
ing as a convection current rising to the top of the unagitated catholyte. This liquid 
proved to be PCI, which has a lower density than POCI;. Crystals of PCI; separated 
out on the sides of the cathode compartment, while on the bottom the familiar 
red-orange crystals of UCI;-PCI, separated. 

A black material streamed from the anode, but redissolved as fast as it dropped 
into the anolyte. The anolyte gradually became dark olive brown. After an extended 











¥ 


Platinum-black electrodes. 


Decomposition potential curve of UCI,-PCl; solution in POCI,. Concentration: 
> hn 


0-340 molar (saturated). Temperature: 25 


period of electrolysis, the length of time depending on the initial concentration of the 
electrolyte, dark olive green crystals separated on the walls of the anode compartment. 
Evidence indicated that chlorine was also produced at the anode, subsequently 
dissolving in the anolyte. 

Valence analysis of the uranium in the anolyte at the end of the electrolysis dis- 
closed that hexavalent uranium remained in the solution over the green crystals. 

Dropwise additions, with stirring, of about | per cent (volume) of water to solutions 
of UCI,-PCl; in POCI, resulted in some phenomena similar to those observed in the 
electrolysis. The solution turned olive brown and contained hexavalent uranium. 
After a short time dark green crystals separated from the solution. 

Under vacuum distillation at 250°, POCI, and UCI, were recovered from the green 
crystals. Uranium hexachloride was also recovered by extraction of the crystals with 
dry carbon tetrachloride. Solvated uranium tetrachloride, UCI,-POCI, was found in 
the residue of the extraction. 

Determination of the valence of uranium in the green crystals gave a value of 4-67. 
Analysis of the crystals from both sources and the composition of the most likely 
formula are given in Table 4. Attempts to determine the molecular weight were 





The compound UCI,-PCI; 
unsuccessful due to ionization phenomena, limited solubility, or reaction with the 
solvents. 


TABLE 4.—ANALYSIS OF GREEN COMPLEX COMPOUNDS FROM TWO SOURCES 
COMPARED WITH THE MOST LIKELY FORMULA 





Electrolytic | Non-electrolytic : 
‘ , 2UCI, UCI,-6POCI, 
compound compound 


Uranium 
Phosphorus 
Chloride 
Oxygen (diff) 





Optical properties of the green crystals were as follows: 
Refractive indices: Ny = 1-572 

Ny 1-597 
1-620 


} 
Nz 

Axial angle (2V): large 

Optic sign: positive 

Orientation: Y =c 

Colour: pale yellow-green in plane polarized light. 

Extinction: parallel to c-axis, length fast 

Dispersion: r > v, green is equivalent to violet due to absorption of the blue and 

violet by the crystal. 

Indicated crystal system: monoclinic 
No twinning was noted nor was fluorescence observed under ultra-violet light. An 
X-ray powder pattern of the compound was obtained, and the data are given in 
Table 1. 

Both the orange crystals of UCI;-PCl; and the green ones of 2UCI,-UCI,-6POCI, 
were readily grown on fine platinum wire from a solution of UCI,;-PCl; in POCI, to 
which about | per cent (volume) of water had been added. Since the solubility of the 
green compound is 4-09 g/100 ml of POCI, and that of the orange compound is 8-08 
g/100 ml of POCI, the green crystals appeared first in solutions prepared in this manner. 

The reaction of small amounts of water with the solution of UCI;-PCI; in POCI, 
can be utilized to prepare uranium hexachloride. If the resulting green solid 
(2UCI,-UCI,-6POCI,) is extracted with warm, absolutely dry carbon tetrachloride, the 
UCI, is removed selectively. Maintaining anhydrous conditions in the process, the 
CCl, may be removed from the UCI, by vacuum distillation at low pressure. 


DISCUSSION 
The experimental results reported here indicate that UCI;-PCl; dissociated in 


nonaqueous ionizing solvents forming the ions, (PCl,*) and (UCI,~). Whether it exists 
in this form, similar to (PCl;), i.e., (PCly*)(PCl,~), in the solid is unknown. Another 
compound of this type, UCI;-SOCI, is considered to be (SOCI*)(UCI,~).°” 

The absorption spectra data indicate that over the concentration range of 0-00136 
to 0-340 molar the solutions of UCI;-PCl; in POCI, follow Beer’s Law. This means 


(2) A, E. Comyns, The Co-ordination Chemistry of Uranium, A Critical Review UKAEA Report A.E.R.E. 
2320, Harwell, England (1957). 
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that the amount of the absorbing species varies linearly with the concentration. 
However, the cryoscopic data indicate that the solution process is not a simple 
dissociation and the number of species in solution does not vary linearly with concen- 
tration. This is shown in Table 3. Similar data obtained for (PCI;). in POCI, could 


not be interpreted in a rational manner. 
GUTMANN has commented that it is difficult to draw quantitative conclusions from 
conductivity and transport measurements in dilute solutions in POCI, because of the 


occurrence of unexplained complex phenomena."*) Such may be the case in the 
present instance. 

The electrode reactions, when a solution of (PCI,*)(UCI,~) in POCI, was electro- 
lysed between tungsten electrodes, were probably as follows: 

At the anode the dominant reaction was the formation of chlorine: 


POCI,- — POCI, e~- + 4Cl, 
A subordinate reaction was: 
UCI, — UCI, + e 


Katz and RABINOWITZ state that the stability of uranium hexachloride is low; it 


tends to decompose even at low temperatures by the following reaction: 


UCI, > UCI, + Cl, (5) 


In the electrolysis the anodic oxidation resulted in uranium hexachloride which 
streamed from that electrode and dissolved in the POCI,. There it underwent slow 
decomposition, forming UCI, and Cl,. The UCI, and some of the undecomposed 
hexachloride then formed a solvated complex compound of the composition 
2UCI,-UCl,-6POCI,. The excess hexachloride was left in solution, as was found to be 
the case. 

At the cathode the following phenomena were observed: 

(1) A colourless liquid, (PCl,),appeared around the cathode in convection currents. 

(2) Small crystals of PCl; separated near the cathode. 

(3) Crystals of UCI,-PCl; separated on the bottom of the cathode compartment. 
All of these observations were evidence that the cathode reaction was as follows: 


2PCl, + 2e— — 2[PCI,] — PCI, —> PCI, (6) 


It has been mentioned that addition of PCI, to a solution of UCI;-PCl; in POCI, 
caused immediate salting out of UCI,;-PCl;. This explains the appearance of the red- 
orange crystals of that compound during electrolysis. 

Phe reaction between UCI,-PCI; and water results in a disproportionation in which 
half of the uranium pentachloride is reduced to tetravalent uranium and half is 
oxidized to hexavalent uranium. With excess water, the forms of uranium present 
after the reaction are oxo-uranium (IV) ion (UO**) and oxo-uranium (VI) ion (UO,?*). 
The excess water also causes the formation of phosphate, and the uranium precipitates 
as the mixed phosphates. However, the reaction was found to be quite different if 
only limited amounts of water (<1 per cent volume) were available for reaction in 
POCI,. The formation of the complex compound, 2UCI,-UCI,-6POCI,, is believed 

V. GUTMAN, Oster. Chem. Z. 56, 126 (1955). 


4) J. J. Katz and E. Rasinowi!Tz (Ed.) The Chemistry of Uranium, Part I, NNES Div. VIII, Vol. 5. McGraw- 
Hill, New York (1951). 
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to occur under those conditions because of the thermal disproportionation of 
(UCI,~), as postulated in equation (8). 

Consider that the molal heat of hydration of phosphorus pentachloride is 125-4 
kcal/mole at 19° and the molal heat of hydration of POCI, is 72-19 kcal/mole at 20°. 
These are among the highest heats of hydration of inorganic compounds. Uranium 
pentachloride is commonly known to undergo disproportionation, even at tempera- 
tures below 100°, according to the reaction: 


2UCI, > UCI, + UC (7) 


Under the conditions existing in POCI, solutions, the localized heating due to the 
heat of hydration released with moisture take up would cause the disproportionation 
reaction: 

2UCI,- — UCI, UCI, + 2Cl (8) 


Then by a reaction whose mechanism is presently unknown, uranium tetrachloride 
and hexachloride combine in the solvated complex, 2UCI,-UCI,-6POCI,. 

The results reported in this paper have raised many questions for further 
investigations. Principally, it may be asked: what are the structures of these 
complex compounds and of (UCI;).?; what is the mechanism of formation of 
2UCI,-UCI,-6POCI,? Is UCI, solvated in POCI,? Why is the ionic form, UCI,~, so 
much more stable than UCI, or (UCI), ? 

Since the authors have left this field of research, it is hoped that other investigators 
will continue the work in this new branch of the nonaqueous chemistry of the uranium 
compounds. 
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Abstract—Uranium dioxide, when exposed at elevated temperatures to an oxidizing atmosphere, will 
transform to U,O,. This compound exhibits appreciable vapour-pressure at temperatures in excess 
of 1200°C. The need for a stable high-temperature material requires prevention of the UO, trans- 
formation and, in certain applications, a lowering of the vapour-pressure. A method by which this 
may be accomplished is discussed. 

Solid-state studies of the uranium-lanthanum-oxygen (and the uranium—yttrium—oxygen) systems 
were conducted in the present investigation to elicit more detailed understanding of the factors 
involved 

The oxidation and vaporization characteristics of uranium oxide were compared directly to those 
of solid solutions of uranium oxide containing up to approximately 60 mole per cent R,O, additive, as 
La,O, or Y,O;. These solid solutions, which have the fluorite structure, were formed by reacting UO, 
ind R.O, in vacuo. When these materials were oxidized, the fluorite structure was retained, with 
reduced lattice parameter. The volatile losses of solid solutions, as well as the oxidation state of the 
iranium, were found to vary inversely with the amount of the additive. 

are presented toward establishing: (a) lattice parameters and electrical characteristics of the 
““reduced”” and ‘‘oxidized” solid solutions, (b) static weight losses of the oxides as a function of 


additive content, (c) the oxidation state of the uranium in the solid solutions, and (d) vapour-pressure 


results 


THE use of uranium dioxide as a refractory material suffers from several inherent 


limitations. If subjected to an oxidizing environment at elevated temperatures, either 
as a normal condition or as the result of operational failure, it will undergo a trans- 
formation to U,O,. In general, the resulting volume expansion is sufficient to be 
disruptive. In addition U,O, exhibits appreciable vapour pressure at temperatures in 


excess of 1200°.%°° 

Experimental work, undertaken to stabilize the fluorite structure in oxidizing 
environment, disclosed that a preferential loss of uranium occurred from solid 
solutions containing tetravalent additives upon prolonged air firing at elevated 
temperatures. Those containing trivalent additions, in contrast, exhibited a marked 
decrease in volatile losses. The present work was undertaken, with emphasis on the 
uranium—lanthanum-—oxygen system, to gain further insight into the factors operative 


in the high-temperature stability of these materials. 


EXPERIMENTAL WORK 
paration of mate rials 
Preparation of the solid solutions was undertaken using Mallinckrodt ‘“‘Source Grade”’ uranium 
* Work performed under AEC Contract W-7405-eng-92. 
Diamond Products Division, Metallurgical Products Department. 


W. B. WiLson, General Electric Company Aircraft Nuclear Propulsion Project, APEX-202 (1955). 
R. J. ACKERMANN, R. J. THORN, C. A. ALEXANDER and M. TETENBAUM, J. Phys. Chem. 64, 350 (1960). 
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dioxide. The La,O, and Y,O,; were obtained from Lindsay Chemical and were of stated 99-9 and 
99-99 per cent purity, respectively. The oxides were vacuum dried to remove adsorbed water prior to 
mixing. Weighing and mixing of the powders, of nominal —325 mesh particle size, were carried out in 
an argon filled dry box. The mixed powders were hydrostatically compacted at 100,000 Ib/in.* using 
a binder of one w/o beeswax in CC],. 


Two- phase region 
solid solution 
+ 
orite solid solution 








50 60 


mole per cent 


Fic. 1.—Lattice parameters for UO,., La,O, solutions. 


The compacts were placed on high fired UO, blocks and sintered in vacuum for 4 hr at 1750°C 
using a graphite susceptor and induction heating. Following the initial reaction the compacts were 
recrushed and reprocessed to homogenize the solid solutions and produce higher density. The 
impurity content of a typical sample, prepared in this manner, was determined to be 275 p.p.m. as 
metals, with titanium, at 100 p.p.m., being the largest contaminant. Other metallic elements were 
present at 50 p.p.m. or less. The carbon content was 0-01 w/o and probably originated from the 
carbon vapour of the diffusion pump and the graphite susceptor. Limited attempts to lower the 
carbon and other impurities were not successful. 


Phase relationships 
The results of X-ray diffraction analysis of these materials are given in Fig. | he solid solutions, 
as fired in vacuo, are referred to as the ‘‘reduced”’ solid solutions of UO, and La.,O,;. The lattice 


parameters of the fluorite cell were observed to increase monotonically with increase in La,O, content 
as shown. The 75 mole per cent La,O, composition was observed to have a fluorite parameter 
corresponding to 54 mole per cent La,O; and excess La,O;. This was taken to indicate a solubility 
limit of nominally 54 mole per cent La,O; with the present fabrication conditions. 

The X-ray results of HUND and Peetz'‘® for the “anomalous” solid solutions of UO;.,; (U;0.,) and 
La,O, are also given in Fig. 1. However, the HUND materials, prepared from evaporated nitrate 
solutions, were calcined at a lower temperature of 1200°C. Under these circumstances the fluorite 


phase was reported to exist from 33 to 70 mole per cent La,O3. 
As may be seen from Fig. 1, the Hund parameters are considerably smaller than their ‘‘reduced”’ 


3) F. Hunpb and U. Peretz, Z. anorg. Chem. 271, 6 (1952-1953). 
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The decrease in parameter results from the decrease in ion size of the uranium as it 


counterparts 
undergoes oxidation 

On the basis of the “‘reduced” and *‘oxidized”’ parameter results of Fig. 1, a pseudo phase diagram 
may be constructed as given in Fig. 2. Such a diagram obviously does not represent an isothermal 


section, but is entirely adequate for consideration of oxidation characteristics. 


~p ton transition 





Pseudo phase diagram of the uranium-—lanthanum—oxygen system. 


Studies of the uranium—oxygen system" have shown that at elevated temperatures excess oxygen 
may be incorporated into the fluorite structure to compositions near that corresponding toU,O,. On 
this basis an existence region for the fluorite structure in the uranium—lanthanum-oxygen system may 
be defined as given in Fig. 2. Such a diagram appears mandatory in the study of mixed valence oxides 

Ice s obvious that “binary” diagrams cannot represent the actual situation. 
Oxidatior haracteristics 
The oxidation and vaporization characteristics or uranium dioxide, and of solid solutions con- 


t 
taining La,O,, YO, (and ThO,) were evaluated by weight change analysis. This was determined both 
continuously by micro-balance techniques, and by periodic weighing at temperatures from 1375 to 
1750 'C. Typical results may be described by reference to data obtained by periodic weighing given in 
Fig. 3. These data were obtained by oxidation, in dry flowing air at 1650°C, of compacts of UO, and 
The 1650°C temperature was somewhat beyond the microbalance capabilities in 


the solid solutions 
air. Compacts were utilized to evaluate structure stability. 
Undoped UO, compacts undergo rapid oxidation followed by volatilization resulting in nearly 


complete evaporation in 20 hr. Both the oxidation and the volatile loss rates were observed to 


F. GRONVOLD, J. Inorg. Nucl. Chem. 1, 357 (1955). 
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decrease with increasing La,O, or Y,O,; additions. The time dependency, obtained from the data of 
Fig. 3, is given qualitatively by the inset, which also corresponds to the observed behaviour of the 
solid solutions by microbalance analysis. For compositions below 35 mole per cent La,O, or Y,Os, 
all compacts *‘powder’’, greatly increasing the specific surface area, thus making direct comparison 
meaningless. 











Weight Change, per cent 





Weight Change, per cent 











Additive. mole per cent 


Fic. 3.—Weight-change data for solutions of UO, Y,O, and UO, La,O 3. Air oxidized 
at 1650°C. Weight increase due to oxidation and loss due to volatility. 


Vapour-pressure Studies 

Direct determination of the vapour-pressure of UO ;(g) above the solid solutions was undertaken 
to determine if the observed stability of the solid solutions resulted from some type of surface*‘passi- 
vation”’, from dilution effect of the additives or other factors. Since it was required to determine the 
vapour pressure of the *‘oxidized”’ solid solutions, transpiration techniques,'°) using finely subdivided 
powders, were employed. Oxygen at | atm pressure was employed as a carrier gas. 

The results of the transpiration determinations are given in Fig. 4, which compares the vapour- 
pressure of U,O, determined previously’) with the equimolar solid solution of La,O;, Y,O; and ThO,. 
Values for the vapour pressure of UO,, determined by ACKERMANN ef a/.,‘°) are also given. A thermo- 


dynamic treatment of the vapour-pressure data was not made for the solid solutions due to the rela- 


tively short range over which the determinations were made. 
Vapour-pressure determinations permit determining the activity of a component in solution. In 
computing the activity, the equation 
0-67 
UO,..:' ————— ©, = UO, (¢) 


5 


was used to determine po, the vapour-pressure of the pure component. Dividing p, the vapour- 
pressure of uranium oxide in solution, by py, one obtains a measure of the activity in the solution. 
A plot of activity* of U;0,—La,O; solid solutions at 1750°K in one atmosphere of oxygen is given 


* The term activity used herein represents p/p, and does not necessarily represent the true thermo- 
dynamic activity because of the variation in oxidation. 
5) K, A. Sense, C. A. ALEXANDER, R. E. BOWMAN and R. B. FILBERT, Jr., J. Phys. Chem. 61, 337 (1957). 
®) R. J. ACKERMANN, P. W. GILLis and R. J. THORN, J. Chem. Phys. 25, 1089 (1956). 
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Nearly ideal behaviour is observed for low La,O; content followed by a region of possible 
S ictivity, and a large reduction in activity occurring near the equimolar composition. 
rhe activity results in Fig. 5 are in agreement with the weight change data of Fig. 3. Thus, the 
ibility of the compacts of Fig. 3 almost certainly involves a true reduction of transpiration losses. 





O, and equimolar solid solutions in | atm of oxygen and of 
UO, in a vacuum. 


Possible surface effects, such as the surface becoming progressively rich in La,O;; becoming more 
nearly stoi 


yperat 


icheiometric upon oxidation, thereby reducing diffusion, etc., may be the factors which are 


to obtain even greater reduction in transpiration losses than expected on the basis of the 
vapour-pressure results 


It appears unnecessary, however, to invoke such arguments in explanation of 
the high-temperature stability of the solid solutions. 
No signifi 


solid sol 


cant lowering of the vapour-pressure with respect to U;O, was found for the equimolar 
1 SOLUTIOT of UO 


ThO, as shown in Fig. 4. Although this conclusion is based upon a single 
determination, it is sut 
direct comp 


ps 


CC 


ostantiated, however, by weight-loss measurements. (To illustrate the point a 
at 1375 ¢ 


irison of UO,-53 ThO, and UO,-53 La,O; was made by firing in air for a period of 107 hr 
rhe La,O; specimen exhibited a weight increase of 2-50 per cent, while the ThO, specimen 
nearly 10 weight per cent. Chemical analysis of the two specimens, showed that the La,O, 
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specimen contained 42 weight per cent of UO, (analysed as uranium) before the test and 41 weight per 
cent after. In contrast, the ThO, specimen contained 47 weight per cent UO, before and 41 weight per 
cent after, illustrating the preferential loss of uranium. Further evaluation of the ThO, at higher 
temperatures was not made, principally because the (ThO,) compacts decomposed to powders even at 
isis). 


Dissociation 


X-ray diffraction parameter measurements of the ‘oxidized’? UO,,, La,O, solid solutions 
failed to confirm the HUND parameter results given in Fig. 1. The present solid solutions, when air 


100 


0.90 


Po 


Activity, P 


0.30 


0.20 


0.10 





0.00 





(00 90 80 70 6 50 40 8% 20 10 0 


UO mole per cent 


2+x” 


Fic. 5.—Activity of U,O, in UO,,,+ La,O, solid solutions at 1750°K and in | atm of oxygen. 


oxidized from 1375 to 1760°C, gave parameters intermediate to the HUND parameters and those of the 
“reduced” solid solutions of UO, + La,O,;. These values are given in Fig. 1. Even direct attempts to 
duplicate the work of HUND produced parameters in agreement with these intermediate values. An 
exception to the above was observed for the 56 mole per cent La,O; sample of Fig. 1. As prepared, by 
direct air sintering of U,;O,_, and La,O; at 1200°C for 24 hr, a noncubic, possibly rhombohedral, 
structure was observed. Refiring at 1760°C in air produced the cubic parameter given. 

The failure to confirm the HUND parameters suggested the possibility of oxygen dissociation at 
higher temperatures analogous to the known behaviour of U;O, in air. Limited work was undertaken 


to determine the oxygen-uranium ratios of the UO,,, La,O; solid solutions by hydrogen reduction 
at 1000°C using microbalance techniques. The values obtained, for selected samples subjected to 


varying oxidation conditions are given in Fig. 6. 

The results of Fig. 6 indicate that the oxidation state of the uranium is variable in the “‘oxidized”’ 
samples increasing with increasing La,O; content. An extrapolation of these data tends to indicate 
that at very high La,O, content the uranium is present as essentially UOsg. 

When the results of the mirobalance analysis are incorporated into the phase diagram of Fig. 2, it 
may be seen that the solid solutions lie within the suggested fluorite region. If the HUND results are 
assumed to be valid,* then at a given oxygen pressure, the dissociation of the solid solutions tends to 
occur with increase in temperature moving toward the UO,-La,O, “reduced” solid solution join. 


* In practice there appears to be no valid reason to assume that the oxidation state of the HUND U,O, 
La,Oy solid solutions is known, since they do not appear to have been analysed. The reported “‘stoicheio- 
metry” of cation and anion partial lattices observed by HUND, near the 50 mole per cent La,O, composition, 
tends to suggest the possibility that the materials may have been fully oxidized as: 

UO, La,O, ULa,O, RO,(stoicheiometric) 


Should this be true, then the smaller parameters observed by HUND would appear to be reasonable. 
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; — 
Electrical characteristics 


The resistivity and sign of the thermoelectric power of the UO, , La,O, solid solutions were 


investigated for correlation to the oxidation and vapour pressure results. The results for the “‘reduced”’ 


oxides are given in Fig In order to prevent oxidation of the reduced oxides the electrical measure- 
ments were made in vacuo at ..10-*mm Hg. The techniques and the results of electrical measure- 
ments of undoped uranium oxides have been given by WILLARDSON et al.” 

The results of Fig. 7 show that small (2-6 mole per cent) additions of La,O, greatly decrease the 


resistivity of uranium dioxide. The resistivity increases with increasing La,O, content. A maximum 


3.00 


CASO C, oxygen 


sahil —1450 C, oxygen 
Oxyge x 9450 C oxygen 


0051450 ¢! ons 








Additive, mole per cent 
Microbalance analyses of the oxygen/uranium ratio for UO,,, plus additive solid 
solutions-furnace cooled. 
in the activation energy (slope) necessary to “‘free’’ a charge carrier occurs, however, at the equimolar 
composition. In addition, the p-type conductivity was found to change to n-type for compositions 
above 50 mole per cent La,Qs. 
The resistivity results for several ‘‘oxidized” solid solutions, fired 1 hr at 1750°C in air, are given in 
Fig. 8. The resistivity is decreased upon oxidation by greater than an order of magnitude. Although 
the resistivity is decreased, the activation energy remains nearly the same as for the reduced solid 
solutions for comparable compositions. The p to n transition was also observed to occur near the 50 
mole per cent composition for the oxidized solid solution of Fig. 8.t 


DISCUSSION 

The “mixed valence’ UO,,, + La,O, solid solutions exhibit several unusual 
characteristics relative to their formation and properties. The ion “size” of U**, U® 
and La** are 1-04 A, 0-81 A and 1-16 A, respectively, based upon the STOCKAR 
scheme.‘*) The similarity of size between U** and La**, being within the Goldschmidt 
15 per cent “rule”, are favourable toward solid solution formation. The large 
difference between U** and La**, however, would appear to preclude solid solution 
formation between U,O, and La,Os, thus appearing “anomalous”, as described by 
HUND. 

Another unusual characteristic of the UO,,,, + La Qs solid solutions is the appar- 
ent balance of the Fermi level at the equimolar composition for both the “reduced” 
and the “oxidized” solid solutions suggesting independence of the oxygen concen- 
tration. The original scheme, employed to stabilize the fluorite structure, was a direct 

The sign of the thermoelectric power was determined at or just above room temperature. 


R. K. WILLARDSON, J. W. Moopy and H. L. Goerina, J. Inorg. Nucl. Chem. 6, 19-33 (1958). 
K. StocKkar, Helv. Chem. Acta 33, 1409-1480 (1950). 
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Fic. 7.—Resistivity versus reciprocal temperature, UO, -+ La,Oxz solid solutions. 


attempt to offset, or balance, the valence change of uranium as it oxidizes by incor- 
poration of a lower (+3) valence additive. In effect, this may be viewed as a form of 


valence compensation. 
The concept of compensation arises from the fact that foreign atoms with more 
electrons than the base crystal tend to raise the Fermi level, while those with less 
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Restitivity versus reciprocal temperature for oxidized UO,,., La,O, solid solutions. 


electrons tend to lower the level. When both are present simultaneously the effect is 
such that the foreign atoms tend to counteract each other. In the present instance, 
oxidation of UO, may be viewed as incorporation of foreign atoms of U®*, for which 


La** or Y* is added for compensation. 
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A discussion of the effects produced in crystals, by foreign atoms of different 
valence as well as native imperfections, has been given by KROGER and VINK.‘® 
These authors have presented a method by which the concentration of imperfections 
may be correlated to the band scheme of electronic energy levels. One consequence 
of this has been to show how foreign atoms may be used to keep the Fermi level at a 
constant position over a wide concentration of defects. It is probable that this factor 
is operative in the present system to explain the balanced Fermi level (p to 7 transition) 
for the equimolar composition. 

A complete explanation for the phase stability and the reduction of activity at or 
near the equimolar composition of the UO,,, + La,O, solid solution does not, as 
yet, appear possible. Based upon the evidence obtained to date, two factors appear 
operative. The results of Fig. 5, indicate that at low La,O, content, the solid solutions 
approximate ideality. This is interpreted to be the result of La,Og, in solution in 
(orthorhombic) U,O,. At compositions between 30 and 40 mole per cent La,Os, a 
two-phase region of U,O, solution and fluorite solution is encountered (at temperature) 
producing constant activity. The reduction of activity at higher compositions results 
when the single phase fluorite structure solid solution is encountered. This apparently 
persists to the 70 mole per cent La,O, composition where a possible compound or 
disordered structure was detected by HuND.”) These results have been incorporated 
into the diagram of Fig. 2. The stability of these materials thus appears to be asso- 
ciated with the fluorite structure. However, similar solid solutions are known to occur 
for tetravalent additives such as U,0,-ThO,."° where the reduced activity is un- 
observed. Thus, the failure of ThO, to lower the activity suggests that valence 
compensation may be operative in part for the reduction in activity associated with 
the R,O, additions. 


‘*) F. H. Krocer and H. J. Vink, Solid State Physics 3, 307-435 (1956). 
10) F. HuNbD and G. Niessen, Z. Elecktrochem. 56, 972 (1952). 
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THE INTERACTION OF NO,-N,O, AND BARIUM, SODIUM 
AND SILVER NITRITES* 


FREDERICK VRATNYT and FRANK GUGLIOTTA 
Department of Chemistry, Purdue University, West | afayette, Indiana 


Abstract—The interaction of NO.—N.O, and barium nitrite, sodium nitrite, and silver nitrite re- 
spectively was followed as a function of the temperature and time of interaction. It was found that in 
limited ranges the nitrite ion was oxidized to the nitrate ion at approximately an exponential rate. 
The region of oxidation was limited by the thermal stability of the co-existing nitrite-nitrate phases. 
For the barium salt this was in the region of 400 C, for the silver salt ~300 C, and for the sodium 


salt some temperature in excess of 450°C. 


The interaction of NO,—-N,O, and barium nitrite, sodium nitrite, and silver 
nitrite has been studied as a part of a program to elucidate the oxidation chemistry of 
NO, in the presence of metallic oxides. The initiation of this study on these metallic 
nitrites arose as a result of the appearance of ionic nitrite in the interaction of NO, 
and certain metallic oxides. It was desired to further investigate the oxidative step of 
nitrite ion to nitrate ion, which seemed the evident step in this type of interaction." 


EXPERIMENTAI 


THE sodium and silver nitrite used in this study were obtained from the Baker 
Chemical Company and were of reagent grade with a purity of ~99 percent. The 
barium nitrite was obtained from the Fielding Chemical Company and had a stated 
purity of about 96 to 99 percent. The nitrogen dioxide was obtained from the 
Matheson Chemical Company. The gas was purified by transferring it under vacuum 
through a magnesium perchlorate tube to the storage trap. The nitrogen dioxide was 
further purified by repeated fractionation until the solid condensate was snow white.) 

The interaction of NO,—-N,O, and barium, sodium and silver nitrite was studied 
as a function of the temperature of interaction at a pressure of 65:5cm/Hg. The 
samples were reacted for an appropriate time, and the excess nitrogen dioxide removed 
by evacuation. During evacuation a moderate quantity of physically adsorbed 
nitrogen dioxide was removed. The infrared spectra of the samples were then taken 
in Nujol R mull. A model 221 Perkin-Elmer double-beam spectrometer was used. 
The samples were also analysed for total nitrogen content, only for the silver and 
sodium salts. A modified micro-Dumas method was used which employs a copper- 
copper oxide mixture in the decomposition tube.“ In each case the samples were 
standardized with similar salts of known purity. 
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RESULTS—BARIUM NITRITE 
The interaction between NO,—N,O, and Ba(NO,), was followed as a function of 
the temperature of interaction in the range from 100° to 500°C. Although it was not 
immediately possible to obtain analytical data for the nitrogen composition, it was 
possible to obtain from the infra-red data a number of important features. 





Ba(NO,)5 








i 1 i 


8 10 12 14 
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Fic. 1.—Spectra of the interaction product between NO,—N,O, and barium nitrite. 
The interaction was carried out at Py, 65-5 cm/Hg and 17 hours time. 





Ordinate: % transmission 
Abscissa: microns 


The infra-red spectra of the reacted products are reproduced in Fig. 1. Bands 
which are observed at about 3-5, 6°8, and 7-3 microns are due to uncompensated 
Nujol. The bands observed at about 7:5, 12-0 and 12:2 microns are due to ionic 
nitrate while bands at about 8-05, 12-1 and 12-25 microns are due to ionic nitrite.‘ 
One may see that in general both nitrate and nitrite are found together simultaneously 
and that the presence of nitrate becomes more prominent with increasing temperatures 
up to about 300°C. Above this temperature the intensity for both nitrate and nitrite 


tends to decrease. 
This is seen more clearly in Fig. 2 in which the relative amount of nitrite is plotted 


as a function of the temperatures of interaction, i.e.: 


Ig 05 [43 05 


Ixo, xo, T Ixo, 
The relative amount of nitrite decreases with increasing temperature up to 400°C. 
The relative amount of nitrite then increases slightly. It should be noted that in the 


») F. VRATNY, Appl. Spectros. 13, 59 (1959). 
(6a) PF. Vratny, M. Tsar and F. GuGuiotta, Nature, Lond. 188, No. 4749, 484 (1960). 
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Relative amount of nitrite as a function of the temperature of interaction 
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r the interaction of NO,—-N,O, and Ba(NO,), for various lengths of time 
Pro 65-5 cm/Hg at 100 and 200°C. 


“Ordinate transmission 
Abscissa microns 


temperature region 400—-500°C, barium nitrate-nitrite begins to significantly decom- 
pose. Although there is a slight increase in the relative amount of nitrite, there is a 
general decrease in overall nitrogen. 


[he interaction was followed as a function of time. It was found that above 200°C 


the kinetics were increasingly complicated by the associated reaction of decomposition. 
However, at or below 200°C it was possible to follow the transition of nitrite to 
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nitrate. In both cases, the oxidation proceeded at approximately an exponential rate. 
The spectra of the samples for this general progression may be seen in Fig. 3. It may 
be noted that the band at about 8-05 microns increases in intensity while the bands at 
7:5 and 12-0 microns increase in intensity with time. 

lo reiterate, the oxidation of nitrite to nitrate proceeds at all temperatures studied 
at approximately an exponential rate. The oxidation process is complicated by the 
thermal instability of the solid phase at elevated temperatures (above 400°C) which 
then increases with rise in temperature. 


RESULTS—SODIUM NITRITE 

The interaction between NO,—N,O, and NaNO, was followed as a function of 
the temperature of interaction. The amount of nitrogen was found to vary from about 
21 per cent for interaction at room temperature to about 15-5 per cent for interaction 
at 400°C to 500°C. The results are shown in Fig. 4. 

One may see that the nitrogen content suggests the presence of nitrite at tempera- 
tures up to about 100°C. Above this temperature oxidation of nitrite to nitrate occurs 
up to about 250°C. Above this temperature it is apparent that nitrogen is being lost 
as a result of thermal decomposition. 

The spectra of the interacted samples clarify the simultaneous processes of de- 
composition and oxidation. The spectra of the interacted products are reproduced in 
Fig. 5. The bands observed at about 3-5, 6:8 and 7:3 microns are due to uncompen- 
sated Nujol mull. The bands at about 7-7 and 12-0 microns are due to ionic nitrate, 
while the bands at about 8-0 and 12:1 microns are due to ionic nitrite.“*”) The 
occurrence of nitrate appears at the expense of nitrite. One may see that for tempera- 
tures above 100°C, nitrate coexists with the nitrite ion. Even for the lower tempera- 
tures (below 100°C) it is possible to see the appearance of a slight amount of oxidation 
(see the band at 7:7 microns). As the temperature increases the presence of nitrate 
becomes more prominent. This is further exhibited in Fig. 6, where the relative 
amount of nitrate in the sample is plotted as a function of the temperature of 
interaction, i.e., 


Lii20 Lin2-0 I lies 


INo3/INox + Lo; 
A signoidal rate pattern is observed as a function of the temperature of interaction. 
It may be noted in this regard that at a given temperature the growth of nitrate and 
decay of nitrite appear to be an exponential function of the time of interaction. 

It is evident that at lower temperatures, oxidation of nitrite to nitrate is a slow 
process. As the temperature of interaction increases the oxidation process is facili- 
tated. Thermal decomposition accompanies oxidation at more elevated temperatures 
above 300°C. The slope of the curve in Fig. 6 in the temperature range of 100°—200°C 
would suggest that the oxidation of nitrite to nitrate has a moderately high activation 
energy. However, it should be noted that in this same temperature range, the pre- 
dominant specie in the gas phase is NO, and evidently is the precursor to oxidation 
rather than the dimer N,O,. A possible mode of oxidation may occur via the pro- 
duction of nitric oxide, an oxide ion, and a positive lattice defect. 

NO.(ADS.) — NO + O” + 2(()*) 


{6D) ID. Wittiams, J. Amer. Chem. Soc. 61, 2987 (1939). 
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Fic. 4.—Percent nitrogen vs. the temperature of interaction of NO, and NaNO, for 
PNO, = 65-5 cm/Hg. 
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Spectra of the interaction product of NO, and NaNO, for PNo, 65-5 cm/Hg 
and ¢ = 17 hours at the indicated temperatures. . 
Ordinate: °, transmission 
Abscissa: microns 
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;. 6.—Relative nitrate as a function of the temperature of interaction 


fy2-0/li2-0 + thea = Iyo,-/Ixo,- +1yo,- 


This could be followed by oxidation and defect consumption via: 


O- + NO,- > NO,- + 2([>). 


RESULTS—SILVER NITRITE 


The interaction between NO,—-N,O, and AgNO, was followed as a function of 
the temperature of interaction. The amount of nitrogen varied from about 8-6 per 
cent for interaction at 100°C to zero percent at 400°C. The results are shown in Fig. 7. 
One may see that the percentage of nitrogen would indicate a composition between 
AgNO, and AgNO, for the temperature range up to about 200°C. For higher 
temperatures the nitrogen content drops to that of AgNOs, and finally drops to zero 
at 400°C. It is immediately evident that the solid phase—AgNO, or AgNO, is 
thermally unstable above 300°C. 

The spectra of the interacted samples clarify the path of interaction in the oxidation 
process of nitrite to nitrate. The spectra are reproduced in Fig. 8. The bands observed 


6 
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Percent nitrogen as a function of the temperature of interaction. 
PNO 65-5 cm/Hg, ¢ 17 hours. 
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Spectra of product of interaction between AgNO, and NO.,. 
PNO, = 65-5 cm/Hg, t 17 hours. 
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at about 3-5, 6:8 and 7:3 microns are due to uncompensated Nujol. The bands at 
about 7:7 and 12-5 w are due to ionic nitrate,’ while the bands at 8-3 and 11-9 uw are 
due to silver nitrite." It may be seen that the presence of nitrate increases with the 
temperature of interaction up to 300°C. This extends somewhat the range studied by 
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Relative amount of nitrate as a function of the temperature of interaction. 
PNO 65:5 cm/Hg, tf 17 hours. 
ordinate: I,yo-5/TAjo- Lasse 
i.e. Ing, Ivo Ivo 


Abscissa: temperature of interaction 


Oza“, while the presence of nitrite decreases up to 300°C and then makes a slight 
increase at 300°C. Neither nitrite nor nitrate was found in the sample which was 
reacted at 400°C. This point is further illustrated in Fig. 9 in which the relative amount 


of nitrate is plotted as a function of the temperature of interaction. The intensity of 


V. T. Oza, J. Ind. Chem. Soc. 35, 411 (1958). 
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12:5 «, divided by the intensity sum of the bands at 11-9 and 12-5 y, is 


the band 
given as a function of the temperature of interaction. It is evident that nitrate becomes 
more prominent up to a temperature of 200°C. The relative amount then decreases 
in the higher temperature region in which AgNO, becomes thermally unstable. 

In the temperature region 100°-200°C it was observed that the decrease in nitrite 


iil 


r increase in nitrate ion are approximately exponential functions of time. Above 
200°C the kinetics of interaction are complicated by thermal decomposition. 


The authors wish to thank Mrs. M. DILLING and Mrs. A. Seo for their assistance 
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OBSERVATIONS ON THE RARE EARTHS—LXXIII* 


THE HEAT AND ENTROPY OF FORMATION OF THE 1:1 CHELATES 
OF N-HYDROXYETHYLETHYLENEDIAMINETRIACETIC 
ACID WITH THE TRIPOSITIVE CATIONS 


T. MOELLER and R. FERRUS 


Noyes Chemical Laboratory, University of Illinois, Urbana, Illinois 
(Received 12 December 1960; in revised form 24 January 1961) 


Abstract—Enthalpy changes in the formation of N-hydroxyethylethylenediaminetriacetic acid 
(H,;HEDTA) chelates of the tripositive rare-earth metal ions have been evaluated by the temperature 
coefficient method for aqueous solutions of ionic strength 0-1(KNOs). Corresponding entropy 
changes have been calculated from the enthalpy changes and stability constants at 25°. Values of 
enthalpy and entropy changes for the formation of CajHEDTA)~, Cu(HEDTA)-, and Cu(tren)? 
have been obtained also. An interpretation of data for the rare-earth metal chelates has been offered 
and extended to other published data. Consideration of both translational and configurational 
entropy changes is shown to be necessary, and the importance of the latter in these complexes is 


emphasized. 


THE successful use of chelating agents in the ion-exchange separation of the tripositive 
rare-earth elements has prompted extensive investigation of the stabilities of the 
resulting chelates, particularly those formed by amine polycarboxylic acids."~®) In all 
instances, a more or less regular increase in stability with increasing atomic number 
(or with decreasing crystal radius) from lanthanum through europium is observed, and 
in several cases a definite discontinuity at gadolinium (the “gadolinium break’) is 
noted. For ions higher in the series than gadolinium, however, two distinct behaviours 
can be discerned: (1) a further increase in stability with decreasing crystal radius, 
with the yttrium chelate falling in the general region predicted by the size of the yttrium 
ion (e.g., for H,EDTA, Hy,DCTA, and H,NTA), and (2) an essential constancy or 
occasional maximum or minimum in stability, with the yttrium chelate lying some- 


where in the lighter-earth region (e.g., with all others of the cited chelating agents). 
Three well-defined, and possibly related, problems are thus obvious, namely the reason 
for the gadolinium break, the origin of variations in stability in the region of larger 


atomic numbers, and the cause of changes in the position of yttrium. 
To some extent, it is unfortunate that the first systematic investigations of stability 
were with the ethylenediaminetetra-acetate complexes, for observed variations in this 


* For Part LX XII, see T. MOELLER, V. GALASYN and J. XAvierR, J. /norg. Nucl. Chem. 15, 259 (1960). 


1) E, J. WHEELWRIGHT, F. H. SPEDDING and G. SCHWARZENBACH, J. Amer. Chem. Soc., 75, 4196 (1953). 
(ethylenediaminetetra-acetic acid, H,EDTA). 
G. SCHWARZENBACH, R. Gut, and G. ANDEREGG, Helv. Chim. Acta 37, 93 954). (H,EDTA; 1,2- 
diaminocyc/ohexanetetraacetic acid, H,DCTA). 
G. SCHWARZENBACH and R. Gut, Helv. Chim. Acta 39, 1589 (1956). (nitrilotriacetic acid, H,NTA). 
G. ANDEREGG, Helv. Chim. Acta 43, 825 (1960). (H,NTA). 
F. H. SpEDDING, J. E. Powe and E. J. WHEELWRIGHT, J. Amer. Chem. Soc. 78, 34 (1956). (N-hydroxy- 
ethylethylenediaminetriacetic acid, H,HEDTA) 

) R. Harper and S. CHABEREK, J. Inorg. Nucl. Chem. 11, 197 (1959). (diethylenetriaminepenta-acetic acid, 
H.DTPA; iminodiacetic acid, H,.LMDA). 
L. C. THompson, Doctoral Dissertation, University of Illinois (1960). (H;DTPA) 

’M. A. HILLerR, Doctoral Dissertation, lowa State University (1959). [bis(2-aminoethyl)ether-N, N,N’,N’- 
tetra-acetic acid, Chel ME; ethyleneglycol-bis(2-aminoethyl)ether-N,N,N’,N’-tetraacetic acid, Chel DE] 
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series have been accepted as normal, and variations of any other type have been 
regarded as unusual. It is apparent from the above discussion, however, that the 
“abnormal” situations exceed the “normal” in number. With the ethylenediamine- 
tetra-acetate chelates, an electrostatic bond picture for the entire series appears to be 
a reasonable one, and the gadolinium break was ascribed to a change in the multi- 
dentate character of the ligand at that point.”’ Convincing evidence in support of this 
contention was offered by Betts and DAHLINGER,"? who reported two regions of 
constancy in the partial molal entropy of the chelates [Ln(EDTA)]-, one in the region 
La**—Gd*~ and the other in the region Tb?*—Ln**, corresponding to two regions of 
constancy in configuration of the complexes. 

Although it is not unreasonable to expect similar results with other chelates 
showing similar variations in stability, it is of interest to test the validity of these 
considerations by extending them to systems of the second type. It has been shown 
previously”? that results of the Betts and DAHLINGER type for the diethylenetriamine- 
penta-acetic acid chelates give no indication of any related behaviour and are subject 
to sufficient uncertainty when treated statistically that small variations in entropy 
would be undetected. Since, however, some of the difficulty may arise from the very 
large stabilities of these chelates, additional data for systems of lesser stability are 
essential before any conclusions can be reached. The N-hydroxyethylethylenediamine- 
triacetic acid system thus suggests itself, particularly since previous study has shown 
that excellent stability constant data can be obtained in an unambiguous fashion. The 
present study is concerned with an extension of observations to a sufficiently broad 
temperature range to permit evaluation of thermodynamic functions and with an 
interpretation of these functions in the light of the problems mentioned above. 


THE POTENTIOMETRIC METHOD OF MEASUREMENT 
Extension of the indirect potentiometric method of ACKERMANN and SCHWARZEN- 
BACH''®), for cases where the metallic complex is much more stable than the correspond- 
ing proton complexes, to the rare-earth metal-HEDTA systems has been described by 
SPEDDING ef a/.©) These authors evaluated constants (K,)* 


[Cu tren][LnX][H]}* Kou Ky. 


[CuX][H, tren][Ln] Ris, tren Kou 


ren 
CuX 





for the equilibria 

CuX H, tren® Ln’ Cutren? LnX +- 3H (1) 
by application of measured pH values after addition of known quantities of 0-1 M 
alkali and five suitable material balances. From these K; values and known values of 
K.. » Bx , and K,,,, they then calculated K;,,,. Such stability constants were 
Ont . ( X LnX 
evaluated only at 25°C. 


1) since 


However, calculation of K;,, does not require use of Ky 
LnX 
Kou Ky Ky, 


Cutren 


tren 


me (2) 
ar expressions, ionic charges are omitted for simplification. The HEDTA® 

and the auxiliary complexing agent /,)’,6”-triaminotriethylamine by tren. 

DAHLINGER, Canad. J. Chem. 37, 91 (1959). 

. SCHWARZENBACH, Helv. Chim. Acta 32, 1543 (1949). 

VARZENBACH, Helv. Chim. Acta 33, 963 (1950). 
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where Kj, is the constant for the experimentally evaluated equilibrium 
Cu” H, tren® Cutren? 3H 
Accordingly, equation (1) can be rewritten as 
Ky Ky Ky, K u 
LnX CuX 
which may be applied to calculate K;,,. Unfortunately, necessary data are available 
only at a single temperature. a 
Inasmuch as the HEDTA-complex of copper(I1) is much more stable than the 
corresponding proton complexes, direct potentiometric titration is not suitable for 
evaluating stability constants. However, an indirect procedure employing calcium ion 
can be used." This is based upon the equilibrium 
CuX H, tren® Ca? Cutren* CaX 3H (LIT) 


for which 





[Cu tren][CaX][H]* Pape ge 
Kyi; . , a) Ky Kew K, u 
[CuX][H, tren][Ca**] CaX CuX 
and use of the expression 
Kin K; Ke, Kir 
LnX CaX 
which is derived from equations (3) and (4) and eliminates the need for separate 


evaluation of K;,.,,.. Although it would appear that measurement of K,, is not then 
CuX 
essential, such is not the case since in solutions identical to those previously used? in 


which equilibrium I is established, a small but important quantity of uncomplexed 


copper(II) ion exists. This free copper ion can be accounted for in necessary material 


balances only by application of Kj;. 
The stability constant K,, can be evaluated readily by direct potentiometric 
CaX 
titration using the known values of the dissociation constants of the chelating acid 


H,X. The method of CHABEREK and MARTELL") was used to evaluate both these 

constants and K,,, from experimental pH data at 15, 20, 25, 30, 35 and 40°C. At each 
CaX 

of these temperatures, K, for every lanthanide ion (except promethium) and yttrium, 

K,; and Kj;; were evaluated also. 

It must be emphasized that all constants so measured are concentration constants 
and not true thermodynamic values. The pH meter was calibrated to read the negative 
logarithm of the hydrogen ion concentration, pH,, by correcting the meter reading 
(pH,) for a 10°* M nitric acid solution of ionic strength 0-1 (K NOs) for the acid con- 
centration as determined titrimetrically. Additive correction terms e for 


pH, = pH, + « (6) 
were found to be —0-08 (15 and 20°C.), —0-09 (25 and 30°C.), and —0-10 (35 and 
40°C.). When necessary, the hydroxyl ion concentration was obtained from the 


relationship, 
Ky 1 »() 
[OH] —_. (7) 
H] Yu You 


where the ionization constant Ky and the ionic activity function of water yyyoy/ay.0 


(12) §, CHABEREK and A. E. MARTELL J. Amer. Chem. Soc. 74, 5052, 6228 (1952); 77, 1477 (1955). 
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were reported values."*) Although the latter values are listed for solutions of ionic 


strength 0-1 (KCl), it has been shown that they are equally applicable to potassium 


t 


nitrate solutions. 
EXPERIMENTAL 


\ sample of N-hydroxyethylethylenediaminetriacetic acid from the Geigy Chemical Company 
ssolved in a minimum quantity of hot water. After filtration, an equal volume of 95 per cent 
is added. After 2 hr, crystals formed. These were removed and washed with cold absolute 
Recrystallization was repeated and the product dried in vacuo. Analysis by titration with 
fter addition of a slight excess of 0-01 M calcium nitrate indicated a purity of 99-7 per cent. 

The acid was used in 0-01 M solution standardized by this procedure. 
Approximately 0-1 M calcium nitrate was prepared from reagent quality material. Standard- 


ization was effected by gravimetric measurement as sulphate.''*) Approximately 0-1 M copper(II) 
nitrate solution was prepared from reagent quality salt. Standardization was carried out by com- 
plexometric titration with 0-01 M N-hydroxyethylethylenediaminetriacetic acid, using murexide 
as indicator 


Approximately 0-01 M /,p’,p”-triaminotriethylamine solution was prepared by dissolving the 


t -_ & 


1 trihydrochloride’®’ in water, adding an equivalent quantity of silver nitrate, and removing 
The solution was standardized by titration with 0-1 M potassium 


weighec 
the precipitated silver chloride 
hydroxide after addition of excess copper(II) nitrate solution. 

for cerium(III) nitrate, approximately 0-005 M rare-earth metal nitrate solutions were 


i xcept 
obtained by dissolving weighed quantities of the freshly 


iI 


of 0-5 M nitric acid and diluting appropriately. These solutions were standardized by complexo- 


ignited oxides* in known excess quantities 


metric titration with ethylenediaminetetra-acetate in the presence of Eriochrome Black T. Such 
solutions were ca. 10-* M in nitric acid. A 5 10°-* M cerium(III) nitrate solution was prepared by 
dissolving G. F. Smith Chemical Co. hydrated nitrate in 0-05 M nitric acid and diluting appropriately. 
The cerium content was determined by precipitating an aliquot as oxalate and weighing as the dioxide. 
The acid content was obtained by measuring the total acidity of an aliquot containing equimolar 
quantities of cerium(III) nitrate, tren-3HNO;, and the chelate K[{Cu(HEDTA)] by titrating and 


deducting the acid added as tren-'3HNO 


r j / 
I xperimentai procedure 


All equilibrium constants were evaluated from pH data obtained from potentiometric titrations 
with 0-1 M potassium hydroxide as previously described.'”) Ionic strength was maintained at 0-10- 


0-11 with potassium nitrate. Concentrations of other species were maintained at sufficiently low 


levels that no significant changes in ionic strength occurred during titration. In these titrations, a@ 
represents the number of moles of potassium hydroxide added per mole of total tren species in the 
solution being titrated, unless otherwise specified. Specific details for the measurement of individual 
constants follow 

(1) Kr. Solutions were prepared from 10 ml quantities of 1-00 M potassium nitrate, 0:01009 M 
tren-3HNO,, and 0-01008 M K[Cu(HEDTA)], 50 ml of water, and such volumes of 0-005 M rare- 
earth metal nitrate that the total concentrations of tren and the rare-earth metal ion were equal. 
During titration, a was evaluated by subtracting from the volume of potassium hydroxide solution 


added the quantity necessary to neutralize the free nitric acid introduced with the rare-earth metal 


nitrate. Inasmuch as equilibrium I is not attained instantaneously, titration was carried out slowly 
enough that the pH never exceeded 6:0. At 15°C, equilibrium was reached only after 1-5 to 2 hrs, 
but at 40°C, only 15-20 min were required. A separate, freshly-prepared solution was used at each 
* Obtained i nt purity from the Lindsay Chemical Division, American Potash and Chemical 
W t ¢ igo. Illinois 
H HARNED and B. B. Owen, The Physical Chemistry of Electrolytic Solutions (3rd Ed.) pp. 638, 752. 
1, Ne York (1958) 
EADWELL and W. T. HALL, Analytical Chemistry. Vol. 2. Quantitative (9th English Ed.) p. 245. 
. New York (1942) 
G HWARZENBACH,. Complexometri« 
York (1957) 
T. Moecvcer and R. Ferrus, J. Phys. Chem. 64, 1083 (1960). 


Titrations. (Translated by H. IRvING) p. 82. Interscience, New 
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temperature, and three sets of data were obtained for each by successive additions of alkali. These 
additions were chosen to give a values 0-2 unit apart in the buffer region of equation 1. The first a 
was always between 1-3 and 1:5. The three results so obtained for each log K; agreed in most cases 
within 0:03. Values of pHe varied from 4-41 for the first reading at 40°C for the lutetium solution 
to 5-82 for the last reading at 15°C for the lanthanum solution. 

(2) Ku. Solutions were prepared by mixing 10 ml of 1:00 M potassium nitrate, 10 ml of 0-01009 
M tren:-3HNOs, 9-36 ml of 0-01078 M copper(II) nitrate, and 70-6 ml of water. For each at each 
temperature, five pH readings were made between a 1-621 and a = 2-038. Extreme pHe values 
were 3-99 (first at 40°C.) and 4-49 (last at 15°C). 

(3) Kir. Solutions were prepared by mixing 10 ml of 1:00 M potassium nitrate, 10 ml of 0:01009 
M tren-3HNO,, 10 ml of 0-01008 M K[Cu(HEDTA)], 9-38 ml of 0-:01076 M calcium nitrate, and 
60-6 ml of water. For each temperature, five pH readings were made in the buffer region between 
a 1-219 and a 1-623. Measured pHe values ranged from 6°78 to 7:37. 

(4) Ky,x and Ky,x. Solutions were prepared from 10 ml of 1:00 M potassium nitrate, 20 ml of 
0:01025 M HEDTA acid, and 70 ml of water. For evaluation of Kiy,x; five pH values ranging from 
3-08 to 3-26 were obtained at each temperature in the region a = 0:-424 toa = 0-618.* For evaluation 
of Ky,x, five pH values were obtained at each temperature in the range a 1-413 to a = 1-601. 
Extreme values of pHe were 5-11 and 5-63. 

(5) Kyx. Identical solutions were used, but calculations were based upon five pH values at each 
temperature in the region a 2-402-2:590. Extreme values of pHe were 9-39 and 10-05. 

(6) Kea. Solutions were prepared by mixing 10 ml of 100M KNO,, 20 ml of 0-01000 M 

CaX 
HEDTA-acid, 18°60 ml of 0-01076 M calcium nitrate and 50 ml of water. Five pH values were 
obtained at each temperature in the region a 2:074 to a 2-375. Extreme pHe values were 4-84 
and 5-26. 
CALCULATIONS 

Material balances based upon tren, HEDTA, each of the metal ions M (Cu?*) and 
M’ (Ca** or Ln**), the available acidic hydrogen, and the equilibrium constant 
expressions for the possible proton acids give the following expressions :"” 

[M], = c = [MX] + e[M tren] (8a) 


[M’], = c = [M’X] + (1 >—)(M’ (8b) 


[X], = ¢ = [M’x] + (1 <M) x (8c) 


MX 
c = [Mtren] + y[H,tren] (—— )IM’] (8d) 
(3 ec = [H] — [OH] + 4d[Hgtren] a (8 
3 ajc ( atren ——_——_ e) 
’ Ky, [M] 
MX 
| + [H] Kyx + [HP Ky,x + [HP Ku,x (9a) 
(H]Kyx + 2(HP Ky,x + 3[HPKu,x (9b) 
(H] °K tren (H] > Kin. tren Kats I (H] “KG tren (9c) 


where 


n 


3 + [H}*K a trenKuijtren + 20H] Kazjtren (9d) 
| + [HP Ky, trenKy* [Hjtren] (9e) 


M tren 
[HP Ay trenKy [H,tren]-’ (9f) 
M’ tren 
* Here and in subsequent sections, a represents the number of moles of potassium hydroxide added per 
mole of total HEDTA species in solution. 
(17) G, SCHWARZENBACH and E. FreitaG, Helv. Chim. Acta 34, 1492 (1951). 
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[HX]/[HJ[X] (10a) 
KyxKuy,x = (H2X]/(HP[X] (10b) 
KyxKy,xKu,x = [H3X)/[HP[X] (10c) 
[H tren]/[H][tren] (10d) 
Ki tren = [Hgtren]/[H][H,tren] (10f) 


[H,tren]/[H][H tren] (10e) 


Ry, tren = Autre nA trenKu,tren [H,tren]}/[H} [tren] (10g) 


The charges on all ionic species are omitted, and the total concentrations of tren, 
HEDTA, and the two metal ions are the same at 10-*M. Equations (8a)-(8e) assume 
the absence of mixed tren-HEDTA complexes, polynuclear complexes, and acid 
complexes. The polydentate character of the ligands, the smaller co-ordination 
number of the copper(II) ion, and the small affinity of the rare-earth metal ions for 
tren suggest that the formation of mixed complexes is unlikely. Previously offered 
considerations™ rule out the existence of polynuclear complexes. The absence of acid 
complexes under the conditions of this investigation is supported by experimental data. 
The neutralization curve of a solution 10-* M in copper(II) ion and in HEDTA“” 
gives a single buffer region at a much lower pH than the minimum value of 4-41 
attained in this study. The same can be said from the comparable neutralization curves 
obtained with cerium(II1), terbium, and thulium solutions. It is highly unlikely, as has 
been pointed out,” that acid complexes of tren with copper(II) ion or the rare-earth 
metal ions could form under the experimental conditions used. Equations (8) and (9) 
are simplified according to the conditions of measurement peculiar to the individual 
constants. 

Evaluation of K,. Here, M is Cu?* and M’ is Ln®*. The coefficient ¢ (equation 8a), 
as calculated in each case from equation (9e), varied from 1-000 to 1-038. The co- 
efficient of [M’‘] in equation (8b) depends upon the stability of a possible complex ion 
Lntren** (equation 9f). Titration of two solutions of 10-* M lutetium nitrate in 0-1 M 
potassium nitrate, one as such and the other 10-* M in Hgtren, gave buffer regions 
parallel to within 0-10-0-05 pH units around pH 7 with precipitation of lutetium 
hydroxide. The pH at a given point of the buffer region obtained by neutralization of 
a solution containing no tren was 7:33. When the same quantity of potassium hydrox- 
ide was added to the tren-containing solution, the pH was 7:41. These data and a 
solubility-product constant of 2:5 x 10-** for lutetium hydroxide®” give Ky, 

Lutren 
ca 10°. This makes e’ (equation 9f) very large and the coefficient of [M’]1-000 in equation 
(8b) and zero in equation (8d). The coefficient of [MX] in equation 8c is always 1-000. 
The maximum values of y and 6 are 1-001 and 3-002, respectively. In equation (8e), 
[OH] and the last term are negligible. When these simplifications are made and pH, 
has been evaluated for a given a, all equilibrium concentrations necessary for calcula- 
tion of K; are available. 

Evaluation of Kj; Only equations (8a), (8d) and (8e) apply to equilibrium II. In 
addition, [MX] = 0 in equation (8a), y = 1-000 and [M’] = 0 in equation (8d); and 
6 = 3-000, [OH] is negligible, and the last term is zero in equation (8e). 
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Evaluation of Ky. Here M is Cu®*, and M’ is Ca**. The buffer region due to 
equilibrium III is sufficiently flat when the total concentration of calcium is equal to 
the total concentration of tren, HEDTA and copper”) that no excess of calcium is 
necessary in the solutions to be measured. Since the neutralization curve of the poly- 
amine is unaffected by the presence of calcium ion"), no detectable complex is formed 
between calcium ion and tren, ¢’ is infinitely large, and the coefficient of [M’] is 1-000 
in equation (8b) and zero in equation (8d). The buffer region is at such pH that « is 
always 1-000, and the coefficient of [MX] is 1-000 in equation (8c). However, the 
proximity of this region to the neutralization curve of tren makes y and 6 larger, 
respectively, than 1-000 and 3-000. In the measurements reported, y ranged from 1-028 
to 1-110 and 6 from 3-055 to 3-220. 

Evaluation of Ky,x; Ky,x and Kyx. For evaluation of the stabilities of the proton 
complexes of the HEDTA anion (X*>), the general equation system (equation 8) 
reduces to 


[X], = c = [X] + [HX] + [H.X] + [H,X] (11a) 
[H], = (3 — a)c = [H] — [OH] + [HX] + 2[H.X] + 3[H,X] (11b) 


A single pH reading thus permits the evaluation of each constant since the neutraliza- 
tion curve of HEDTA acid” clearly shows three buffer regions. Calculation is made 
in terms of 


a)e — [H] fac + [HA] {H] (12a) 
a)e — [H]}/§(a — 1)e + [H]}{H] (12b) 
a)e + [OH]}/{(a — 2)e — [OH] }{H] (12c) 


Evaluation of K,e,. For the solutions employed, M’ = Ca**, [M], = O, and 
CaX 

[tren], = O. Thus only equations (8b), (8c) and (8e) are necessary, and ¢’ is infinitely 
large in equation (8b). Calculation of [X], [CaX], and [Ca] is thus possible in terms 
of the values obtained for Ky,x, Ky,x, and Kyx. 

Evaluation of K,,. This requires only substitution of appropriate values in 
equation (5). am 

Evaluation of Ke, and Ke, The first of these is obtained directly from equation (2) 

Cutren CuX 

and the second from equation 4. 

Evaluation of thermodynamic functions. Enthalpy changes for the various equilibria 


were obtained by least squares analysis employing for each 


AH 
log K —————. + constant (13) 
. 2:303 RT 
Uncertainties were calculated to 95 per cent confidence intervals.“*) For the formation 
of the complexes LnX, CuX~, and Cutren*", enthalpies were calculated as 


Ai nx AH, + AAoax - Ay 
AHox = AHn + AHox — AA 


AH, AH; AH yj; tren 


utren 


®) H. A. LAITINEN Chemical Analysis, Chap. 26. McGraw-Hill, New York (1960). 





T. MOELLER and R. FERRUS 


‘re the last term is associated with the equilibrium 


tren + 3H H,tren® (IV) 
ind is obtainable from existing data."® Free energy changes and entropy changes for 
e various equilibria were obtained by the usual procedures. 
RESULTS AND DISCUSSION 
Values for equilibrium constants calculated from the experimental data by these 


methods are summarized in Tables | and 2. Some comparisons with existing data as 


EQUILIBRIUM CONSTANTS AND ENTHALPY CHANGES /é 0-11 (KNO,) For 
EQUILIBRIUM I; 0-10 (K NO,) FOR OTHERS 





= AH 


(kcal/mole) 


0-37 
0-21 
0-19 
0-32 
0-62 
18 17-7: 3° 5S: 0°55 
12 11-62 11-32 ‘08 ‘78 + 0-30 
13 12-84 12-60 2°: ‘87 0-29 
12-6! 2 12-17 11-91 ; 0-30 
12 11-70 11-45 ‘62 + 0°36 
11°‘ 11-46 11-20 ‘82 + 0-35 
11 11-03 10-80 57 ‘42 + 0-53 
11-43 2 10-94 10-71 * 2 0-51 
11-5 11-08 10-83 62 . 0-49 
11 10-96 10-69 10-50 20-68 0-52 
1] 10-98 10-72 10-48 21-95 0-27 
1] 10-97 10-68 10-43 Pi 0-25 
11 10°83 10-57 10°31 23:75 + 0-26 
11-23 10:96 10-62 10-31 10-04 24: 0-51 
10 10°67 10-38 10-08 9-81 24-4: 0-45 
10-98 10°67 10-39 9-93 24-2 0-55 
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recorded for a single temperature are in order. CHABEREK and MARTELL”? give at 
29-6 ( and u 0O-1(K Cl): log Kux 2°64, log Ku x 5°33, log Kux 9-73, 
log K, 8-0. Although agreement is generally excellent for the proton complexes of 


CaX 
HEDTA, a greater difference exists for the calcium chelate than could be related to 


difference introduced by log Ky. and log Kyx. The same authors measured Kj,,, 
although this datum is not explicitly reported. Assuming that they used in their 


calculations Ke, = 10! ! and Ky ,,.., = 107°", their value for Kj,; would be 10-'8”, 


a result somewhat smaller than the 10-'*™ obtained in this study at 30°C. Agreement 
between a value of —9-3 for log K,,; at 20°C” and the value in Table 1 is excellent. 


For the rare-earth metal species, values of log K; in Table | and of log K,,, in Table 2 
LnX 
25°C differ only slightly from those previously reported.’ These differences are 
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TABLE 2.—STABILITY CONSTANTS FOR HEDTA CHELATES AND CUTREN®* [i 0-1 (KNO,) 





lc 44 K M 
, MX 
Species 


LnHEDTA 
yf 14-69 7 14-65 
La 13-52 : 13-46 
Ce 14-25 14-11 
Pr 14-77 68 14-61 
Nd 15-02 ; 14-86 
Sm 15-44 >: 15-28 
Eu 5:5 > 15-35 
Gd 5: 5°: 15-22 
Tb 5: 5: 15- 
Dy 5: 5:3 13-3 
Ho 5: 5°: 15 
Er 5-45 5-45 15 
Tm 5: 5 15-59 
Yb e 5: 15: 
Lu 5-8 5:8 15-88 


CuHEDTA 
Cutren* 





due in part to the fact that the pH correction employed here is 0-019 unit different 
from that used before.°’ The generally good agreement throughout indicates overall 
accuracy in all of the published data. 

Calculated thermodynamic functions associated with the formation at 25°C of the 
HEDTA chelates from the aquated cations 


M(H,O),”* + HEDTA® = M(HEDTA)(H,O)" * + (x — y)H,O (V) 


+ 


are summarized in Table 3. The ligational entropy and enthalpy components of the 
free energy change for such a process are considered to reflect, respectively, alteration 
in the thermodynamic probability (degree of disorder) and the energy change due to 
rupture and formation of bonds. It is apparent that ligational entropy is the major 
contributor to the free energy change. Enthalpy changes are small by comparison 
and in certain cases are even opposed to the formation of the complex. 

Ligational entropy change. The ligational entropy change for the rare-earth species 
may be expressed as 


AS = $,,x — 5, — 5x (17) 


where the S® terms represent the standard partial molal entropies of the species 
LnX, Ln**, and X*~ in aqueous solution. Of these terms S;,,x is of particular interest 
since variations in it may be related to the questions raised in the introduction. 
Unfortunately, available data do not permit direct calculation of this term using 


equation 17. Thus, the only experimentally determined values for S;,, are —44 e.u.“¥ 


19) A. F. KApusTINSKI, Dokl. Akad. Nauk. SSSR 30, 802 (1941) 
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TABLE 3 THERMODYNAMIC FUNCTIONS FOR FORMATION OF HEDTA 
CHELATES AND CUTREN** IN AQUEOUS SOLUTION /é 0-10-0-11 (KNO,), 25 € 


\F AH AS 
(kcal/mole) (kcal/mole) (e.u.) 





Species 


LnHEDTA 
Y 
La 
Ce 
Pr 
Nd 
sm 
Eu 
Gd 
Tb 
Dy 
Ho 
Er 
Im 
Yb 
Lu 
CaHEDTA 
CuHEDTA 
21-0 





s are those for AH; in Table 1. This is acceptable practice 
these values are used for correlations within this series. Otherwise, 
nge of uncertainty must be increased by 0-87 kcal/mole because of 
ntroduced by use of AHcax and AH (equation 14). Similar con- 
srations apply to AS 
H Bertcu, W. C. Fernecius, and B. P. Block, J. Phys. Chem., 62, 
58) give 15-7 Kcal/mole for H cutren- 


for both La** and Ce*®* and —41-7 e.u. and —43 e.u.” for Gd**. However, values 

of S;,, can be approximated by either of two procedures, '**.*9) and since Sy is constant 

for the series, S;,,. can thus be estimated in terms of AS S,, in the rearranged 
relationship 

AS + $,, + Sx (18) 

Although the LamDLer relationship? for evaluating S;,, has the advantage of 

being in accord with the Born electrostatic model, the PoWweLL and LATIMER 


I 
sil 


approach”) is based upon a larger body of experimental data. Values calculated from 
this relationship, using a crystal radius of 0-88 A. for the yttrium ion’ and the radii 
of TEMPLETON and DAuBEN™”? for the other ions, as summarized in Table 4, are to be 
compared with estimated values previously reported.*'*. An uncertainty of +-0-6e.u. 


in S;,, is introduced by the uncertainty of 0-01A in radii alone. 


500 (1952) 
la on States of the Elements and their Potentials in A que mus Solutions, (2nd Ed. 
, New York (1952). 
LATIMER, J. Chem. Phys. 19, 1139 (1951) 
mR < 34, 1107 (1956) 
The Actinide Elements (Edited by G. T. SEABorG and J. J. Karz.) Chap. 18. 
York (1954) 
ind C. H. DAuBEN, J. Amer. Chem. Soc. 76, 5237 (1954). 
MERY, Bur. Mines Rept. Invest. 5468 (1959). 
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Variation in resulting AS Sin Values (Table 4) shows no broad regions of 
constancy comparable with those reported for the EDTA chelates” and thus permits 
no interpretation based upon a sudden change in multidentate character of the ligand 
at gadolinium or any other ion. Differences between the two systems are shown 
strikingly in Fig. 1, where the EDTA values are those of Betts and DAHLINGER”® 
recalculated using a AH 2:98 kcal/mole” for the neodymium complex and the 
AS® value for the yttrium chelate given in this reference. It is apparent that lack of 
overall constancy in either set of data refutes COBBLE’s explanation'*®) of entropy effects 
in chelate formation. 


TABLE 4.—MEASURE OF PARTIAL MOLAL ENTROPIES OF HEDTA CHELATES 





Ss Ln AS S Ln S Ln 
lon vs lon 
(e.u.) (e.u.)* (e.u.) 


47:1 Gd* 41-8 
Tb* 42-7 
Dy® 43-6 
Ho?® 44:5 
ee 45-3 
Tm* 46:1 
Yb?* 46°8 


Lu*® 47-5 





* Uncertainty ca. 


It is not unreasonable to assume that the ligational entropy of a complex species is 
the summation of both translational and configurational contributions. Translational 
contributions result from overall changes in the disorder of the system and are those 
normally considered when one species is converted into another. Configurational 
contributions result from alterations in the internal degrees of freedom (rotational, 
vibrational) within the chelate as a result of the effects of chelation upon the organic 
ligand. Such ligands ordinarily possess a large number of internal degrees of freedom, 
and it is reasonable to assume that these will be retained in the chelate but affected by 
such properties of the metal ion as its electronic configuration, charge, size and mass. 

For ions in the rare-earth series, alteration in the translational component should 
be significant only if there is at some place in the series a definite change in structure. 
The data of BeTTs and DAHLINGER™? notwithstanding, it seems unlikely in the light of 
similarities in size and electronic configuration among the cations that such an abrupt 
change can occur."?”) It is more likely that alteration in bond strength or in the firmness 
with which a group is held may occur. As crystal radius decreases, bond strength in 
general should increase. This should result in a decrease in configurational entropy. 
However, steric hindrance to bond formation should also parallel decrease in crystal 
radius and could be reflected in the gradual loosening of the bond between an acetate 
group and the central cation in the HEDTA or EDTA chelates rather than in the 
sudden rupture of such a bond. This should result in an increase in configurational 
entropy. Variations in S;,,, within the series should then reflect the relative impor- 
tances of these two effects. Thus for the HEDTA chelates (Fig. 1), decreases in S,,,x 


(27) L. A. K. STAvetey and T. RANDALL, Discussions Faraday Soc. 26, 157 (1958). 
28) J. W. Cospsie, J. Chem. Phys. 21, 1451 (1953). 
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from lanthanum to gadolinium and from thulium to lutetium suggest the greater 
importance of increasing bond strength in these regions and increase from gadolinium 
to thulium suggests the greater importance of bond loosening in this region. Dis- 
continuities at gadolinium and thulium suggest counterbalancing of these entropy 
effects at these points. The gadolinium discontinuity is of course the more significant. 
Alterations in the corresponding data for EDTA (Fig. 1) differ significantly in that 
there is essential constancy through samarium and less variation among the heavier 
species. The differences are undoubtedly due to the presence of an additional potenti- 
ally chelating acetate group and the resulting necessity for loosening more than one 





Nd Pm Sm Eu Gd Tbh Dy Ho Er Tm Yb Lu 


Partial molal entropies of EDTA and HEDTA chelates. 


bond. Arguments that the quinquedentate character of EDTA indicated by infra-red 
measurements'*’.™) on solid acids of the type H[Ln(EDTA)] persists in solution can be 
settled only by the acquisition of additional data. 

Direct comparison of such data with those for d-type transition metal complexes 
is not reasonable because of fundamental differences in bonding. However, for the 
electronically more nearly comparable alkaline earth metal species, comparisons are 
reasonable. Values for AS Sy for the EDTA chelates of these ions! are Mg? 
22 e.u.; Ca®*, 14e.u., Sr?*, 16 e.u.; Ba**, 22.e.u. Decrease in entropy from barium to 
calcium reflects the size effect on bond strength. The high values at magnesium reflects 
bond loosening due to steric hindrance. 

Ligational enthalpy change. Variations in ligational enthalpy (Table 3) are 


T. MOELLER, fF J. Moss and R. H. MARSHALL, J. Amer. Chem. Soc. 77, 3182 (1955). 
Tr. MOELLER ar P. Horwitz, J. Inorg. Nucl. Chem. 12, 49 (1959). 
R. A. CARE an A. K. Staveey, J. Chem. Soc. 4571 (1956). 
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indicated in Fig. 2. Included for comparison are also those for the EDTA chelates” as 
recalculated from STAVELEY and RANDALL’S normalizing value for the neodymium 
complex.” The general trend in enthalpy in the series is similar to that discussed 


above for entropy. 

The same general explanation offered for the entropy trends with the EDTA 
chelates can be applied to the enthalpy trends (Fig. 2). That values in the first half of 
the series are lower than that for the gadolinium chelates is due to greater ease of 
approach by the fourth acetate group with enhanced cation radius. 





kcal/mole 


Ho 











Fic. 2.—Enthalpies of EDTA and HEDTA chelates. 


Behaviour of yttrium. The expectation that yttrium chelates, because of the crystal 
radius of the Y** ion, should be comparable with those of tripositive ions in the vicinity 
of holmium is borne out by the ligational entropies and enthalpies of both HEDTA 
and EDTA chelates (Fig. 1 and 2). That the stability constant of the yttrium-HEDTA 
chelate is numerically comparable to those of cerium-earth species is probably due to 
those minor factors other than crystal radius (e.g., mass, electronic configuration) that 
affect AH° and AS° to different degrees depending upon the nature of the ligand. 

CONCLUSION 

Variations in the configurational entropy due to steric hindrance preclude any 
unequivocal relationship between the stability constants and the crystal radii. Such 
steric hindrance is apparently operative only after gadolinium in the HEDTA series, 
but with EDTA the presence of a sixth donor group renders it important even in the 
early part of the series. Both AH° and AS° are affected simultaneously. The relative 
importance of steric effects upon these functions depends upon the chelating agent. 
This is in turn reflected in the shape of the log K;,, vs. Z plots. The same may be said 


for the position of yttrium on sucha plot. 
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Abstract—The thermal decomposition of cobalt complexes of the types, Na[Co(HY)X]-H.O, 
H[(Co(HY)X]-nH,O, Na.[Co(Y)X]-nH.O, Na[Co(YOH)X]-H,O, Na[Co(Y)]-3H,O, and H.[Co(Y)] 
3H.O, where Y is EDTA and YOH is HEDTA, X is Cl-, Br~, NO,” and OH -, and may be 1-3, was 
b 1c techniques of TGA and DTA. The H[Co(HY)X]-nH,O and Na[Co(HY)X]-nH,O 

1 heated, first lost water of hydration in the 50-75° temperature range. Breaks in the 


ve revealed that the water came off in two steps. The anhydrous complexes began to decom- 


e 215-250 C temperature region he halo-complexes, Na,[Co(Y)X]-7H,O, decomposed 


in which all of the water plus a carbon dioxide, the latter presumably from a 


were evolved in a one step process. The DTA and TGA curves of all of the 


ONLY fragmentary information is available in the literature concerning the thermal 
properties of metal ethylenediaminetetra-acetic acid (EDTA) and substituted ethy- 
lenediaminetetra-acetic acid chelates. The optimum dehydration temperatures for 
Na,EDTA-2H,O, as determined by isothermal,’ thermogravimetric analysis 
(TGA),*-®) and differential thermal analysis (DTA) methods, as well as the DTA of 
several transition metal EDTA chelates” have previously been reported. Also, the 
DTA of several rare-earth EDTA chelates has been reported" although the thermal 
decomposition curves were not published. 

In this investigation, the thermal properties, as determined by the techniques of 
IGA and DTA, are reported for the pentadentate EDTA complexes of cobalt (II1) 


of the general formulas: 
Na[Co(HY)X]-nH,O, H[Co(HY)X]-nH,O, and Na,[Co(Y)X]-7H,O, 


where Y is EDTA, X is OH’, Br’, Cl-, and NO,” and » varies from | to 3. 
Also, the thermal decomposition of several hydroxyethylethylenediaminetriacetic acid 
(HEDTA) cobalt (II]) chelates of the general formula, Na[Co(YOH)X]-H,O, where 
YOH is HEDTA and X is Br- and NO,” were also investigated by the above tech- 
niques. To supplement previous work,” a sexadentate EDTA cobalt (II) complex; 
H.[Co(Y )]-3H,O, was also studied. 

W BLAEDEL and H. T. KNIGHT, Analyt. Chem. 26, 741 (1954). 

C. DuvaL, Analyt. Chim. Acta 16, 545 (1957). 

W. W. WENDLANDT, Analyt. Chem. 32, 848 (1960). 


W. WENDLANDT and G. R. Horton, Nature, Lond. 187, 769 (1960). 
LLER and E. P. Horwitz, J. /norg. Nucl. Chem. 12, 49 (1959). 
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EXPERIMENTAI 
Sample 


Thermobalance. The automatic recording thermobalance has previously been reported 
The furnace 


sizes ranged in weight from 50 to 75 mg and were decomposed in an air atmosphere 
heating rate was approximately linear with time at 5°C per min. 

Differential thermal analysis apparatus. The DTA apparatus has previously been described by 
LODDING and HAMMELL"’:*’ and WENDLANDT. 
with previously ignited alumina being used as the reference material 
approximately linear with time at 10°C per min. An air atmosphere was in contact with the s imple 


10) Sample sizes ranged in weight from 90 to 110 mg 
The furnace heating rate was 


during the thermal decomposition process. 


~- 
e 
© 
uJ 
= 


lOO §=6200 6300 400 500 600 
TEMPERATURE °C 


TGA decomposition curves for H[{Co(HY)X]:2H,O complexes 


Fic. 1. 
B. H[{Co(HY)NO,]:2H,O; C. H{Co(HY)Br]:2H,O 


A. H{[Co(HY)CI]:2H,0; 
Preparation of the metal chelates. Metal complexes of the types Na[C o(HY)X], Na.[Co(Y)X], 
were prepared by the method of Dwyer and Garvan.) The complexes, Na,[Co(Y)OH] and 
'?) while the Na[Co(Y)] complex 


H,[Co(Y)], were prepared by the method of SHImI and HIGGINSON, 
Complexes of the type, Na[Co(YOH)X], where 


1 by the method of Morris and BuscH 


I 


was prepared by the procedure of Dwyer, et al.''* 
YOH is the trinegative anion of HEDTA were preparec 


RESULTS AND DISCUSSION 
The H[Co(HY)X]:2H,O type complexes. The TGA curves for the H[Co(HY)X]- 


2H,O type complexes are given in Fig. 1. The water contents for these and other 
complexes are given in Table 1. 
The H[Co(HY)X]:-2H,O complexes, where X is Cl-, Br’, or NO,”, all began to 
j 2 2 E 
evolve water in the 50—-70°C temperature range, giving the anhydrous weight-levels in 
. W. WENDLANDT, T. D. GeorGe and G. R. Horton, J. Jnorg. Nucl. Chem. In press 
. LoppINnG and L. HAMMELL, Rev. Sci. Instrum. 30, 885 (1959). 
. LoppinGc and L. HAMMELL, Analyt. Chem. 32, 657 (1960). 
. W. WENDLANDT, J. Chem. Educ. 37, 94 (1960). 
. W. WENDLANDT and T. D. GeorGe, J. Inorg. Nucl. Chem. In press. 
F. P. Dwyer and F. L. GARVAN, J. Amer. Chem. Soc. 80, 4480 (1958). 
I. A. W. Suimi and W. C. E. HicGinson, J. Chem. Soc. 260 (1958). 
F. P. Dwyer, E. C. Gyarrus and D. P. MELLOor, J. Phys. Chem. 59, 296 (1955) 
M. L. Morris and D. H. Buscnu, J. Amer. Chem. Soc. 78, 5178 (1956). 
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the 130-150°C temperature range, The chloro- and bromo-complexes gave good 
horizontal weight-levels for the anhydrous complexes. The anhydrous nitrocomplex 
gave a slightly sloping curve, indicating perhaps that some decomposition was taking 
place and that the anhydrous complex was not quite as stable as the other two com- 
plexes. The anhydrous complexes began to decompose in the 215—250°C temperature 
range, giving the oxide level, Co,O,, in the 350-460°C temperature range. 

Although the complexes were the 2-hydrates, there was evidence for the existence 
of the 1-hydrate complexes from breaks in the dehydration curve in the 100-105°C 


TABLE | WATER CONTENTS OF COMPLEXES BASED ON WEIGHT-LOSS DATA 





Water (°) 
Compound 


Theoretical Found 


Na[Co(HY )Cl]-2H,O 8-14 
Na[Co(HY)Br]-2H,O ‘40 
Na[Co(HY)NO,]:2H,O 95 
H[Co(HY)CI]-2H,O 57 
H[Co(HY)Br]-2H,O 
H[Co(HY)NO.,]:2H,O 
Na[Co(YOH)NO,]-H,O 
Na[Co(YOH)Br]-H,O 
H.[Co(Y)]-3H,O 
Na[Co(Y)]-3H,O 


82 (at 150°C) 
(at 170°C) 


Nw bb oO 





region. Evidently, the l-hydrates are not stable enough under the heating rate con- 
ditions employed to give horizontal weight levels. The dehydration proceeds through 
the intermediate l-hydrate according to the equations: 
H[Co(HY)X]:-2H,O — H[Co(HY)X]:1H,O H,O(v) 
H[Co(HY)X]-1H,O — H[Co(HY)X}] H,O(v) (2) 


Substitution by various anions in the co-ordination sphere does not appear to alter 
the dehydration temperatures of the complexes. 

[he thermal stability of the anhydrous complexes was influenced slightly by anionic 
substitution. Listed in order of increasing thermal stability, the sequence is: 
H[Co(HY)No,]H[Co(HY)Cl] H[Co(HY)Br]. However, since an atmosphere of air was 
maintained in the furnace, the order may describe the relative ease of oxidation by the 
oxygen in the air rather than the resistance to thermal degradation. It is to be ex- 
pected that the nitro-complex would be less stable than the others on the basis of the 
oxidizing action of the NO, ion on the EDTA chelating molecule. 

The DTA curves for the H{Co(HY)X]:2H,O type complexes are given in Fig. 2. 

The dehydration of the complexes gave two endothermic peaks in the 100—200°C 
temperature range. The peak maxima temperatures for the first peak were from 110 
to 140°C, and 170° to 175°C for the second peak. The existence of these two peaks 
confirms the dehydration mechanism as given for the TGA curves. The anhydrous 
chloro-, nitro- and bromo-complexes decomposed in the 200—400°C temperature 
range as evidenced by a series of small endothermic peaks. It should be pointed out 
that it is not possible to interpret each of these peaks with the limited amount of data 
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present, since they may be caused by crystalline phase transition and other processes 
that do not involve a weight change. 

The final oxidation of the carbonaceous material resulting from the decomposition 
process gave broad exothermic peaks in the 400—500°C region. 

The Na[Co(HY)X]:2H,O type complexes. The TGA curves for the Na[Co(HY)X]- 
2H,O type complexes are given in Fig. 3 while the DTA curves are given in Fig. 4. 

The TGA curves for the Na[Co(HY)X]-2H,O type complexes, where X is Cl-, Br 
and NO,, are similar to those found for the H[Co(HY)X]:2H,O type complexes. 


T T 
nl 
all 


. x | 
| | 
| 
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| 
| 
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Fic. 2.—DTA decomposition curves for H[Co(HY)X]-2H,O complexes 
A. H[Co(HY)Cl];2H,0; B. H[(Co(HY)NO,]-H,O; C. H[Co(HY)Br]-2H,O 


The complexes began to lose water of hydration from 60° to 75°C, followed by 
horizontal weight-levels for the anhydrous complexes in the 150—230°C temperature 
range. Both the anhydrous chloro- and bromo-complexes began to decompose at 
at 230°C while the nitro-complex began to decompose at a lower temperature, 210°C. 
The chloro- and the bromo-complexes gave practically identical curves. The thermal 
stability of the above complexes did not differ greatly from that found for the 
H[Co(HY)X] type complexes. 

The DTA curves for the Na[Co(HY)X]:2H,O complexes are similar to those found 
for the hydrogen analogues. Both the chloro- and nitro-complex gave two dehydration 
peaks while the bromo-complex gave only one. Except for the broad peaks in the 
450-550°C temperature region, the peak maximas found were practically identical to 
those for the hydrogen compounds. 

The Na,[Co(Y)X]-2H,O type complexes. The TGA curves for the Na,[Co(Y)X]: 
2H,O type complexes are given in Fig. 5 while the DTA curves are given in Fig. 6. 
The TGA curves for the Na,[Co(Y)X]:2H,O type complexes, where X is OH 
Cl-, Br- and NO,-, revealed that the water of hydration, with the exception of the 
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tion curves for Na{Co(HY)X]-2H,O and other complexes 


B. Na[Co(HY)ClI]-2H,O; C. NafCo(HY)NO,]:2H,O; 
D. Na{[Co(HY)Br]-2H,O 
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position curves for Na[Co(HY)X]:2H,O and other complexes 
B. Na[Co(HY)Cl]-2H,O; C. Na[Co(HY)NO,]:2H,0O; 
D. Na{Co(HY)Br]-2H,O 
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Fic. 5.—TGA decomposition curves for Na,[Co(Y)X]-:2 and 3H,O complexes 
A. Na,[Co(Y)OH]3H,O; — B. Na[Co(Y)Cl]-3H,O; C. Nas{Co(Y)NO,]:2H,0; 
D. Na,[Co(Y)Br]-3H,O 
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Fic. 6.—DTA decomposition curves for Na,[Co(Y)X]-2and 3H,O complexes. 
A. Na,{Co(Y)OH]:3H,O; —_B. Na,{Co(Y)Cl]-3H,0; CNa,[Co(Y)NO,]-2H.0O; 
D. Na,[Co(Y)Br]-3H,O 
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hydroxy complex, cannot be removed to form the anhydrous complex. Instead, the 
complexes lost weight continuously from about 40°C to the formation of the residue 
levels in the 400-500°C temperature region. 

From composition calculations, using the TGA curves, the hydroxy-complex, 
Na.[Co(Y)OH]-3H,O, decomposed in a different manner than the halo- or nitro- 
complexes. The hydroxy-complex lost only water of hydration between 40° and 220°C, 


TABLE 2.—COMPOSITION WEIGHT-LOSS DATA FOR NA,[CO(Y)X]*2 OR 3H,0 COMPLEXES 





Weight-loss (%) 
Complex 3H,0 3H,0, CO, 2H.0, CO, 


Theor Found Theor. Found Theor. Found 


Na.[Co(Y)OH]-3H,O 12-6 12-9 (at 220°C) 
Na.[Co(Y)Cl]-3H,O 20:3 21-5 (at 210°C) 
Na,[Co(Y)Br]-3H,O 18-6 20-9 (at 200°C) 
Na,[Co(Y)NO,]-2H,O (at 250°C) 168 16:1 





while the other complexes lost both water of hydration and probably one carbon 
dioxide from a decarboxylation reaction. This was indicated by the weight-loss data 
in Table 2 and also by detecting the presence of the evolved carbon dioxide with a 


dilute solution of calcium hydroxide. The probable decarboxylation reaction takes 


place according to the equation: 


The decarboxylated residue then decomposed on further heating to give the oxide 
residue. The fairly low decomposition temperatures for the halo- and nitro-com- 
plexes are not surprising in view of the fact that the halo-complexes revert to the 
sexadentated species in aqueous solution or in the solid state."°) However, the reason 
for the instability by decarboxylation of the halo- and nitro-complexes, in contrast 
to the stable Na[Co(HY)X] complexes is not known. 

The DTA curves also support the fact that the hydroxy-complex decomposes in a 
different manner than the other three compounds. A single, broad endothermic peak 
at about 125°C, characteristic of a dehydration reaction, was obtained for the former. 
For the latter compounds, a multipeak broad endothermic reaction was indicated in 
the 70-175°C temperature range, followed. by a series of exothermic decomposition 
peaks in the higher temperature regions. 

The Na|{Co(YOH)X}-H,O type complexes. The TGA curves for the Na[Co(YOH)Xj}- 
H,O type complexes are given in Fig. 7 with the DTA curves being given in Fig. 8. 


M. L. Morris and D. H. Buscu, J. Phys. Chem. 63, 340 (1959). 
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Fic. 7.—TGA decomposition curves of metal complexes. 
A. NalCo(YOH)NO,]-H,0O; B. NafCo(YOH)Br]-HO; C. H,[Co(Y)]-3H,O 
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Fic. 8.—DTA decomposition curves of metal complexes. 
A, Na[Co(YOH)NO.,]-H,O; B.Na[Co(YOH)Br]-H,O; C. H,{Co(Y)]-3H,0. 
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[he TGA curves for the Na[Co(YOH)X]-H,O type complexes, where X is NO, 

Br howed that the water of hydration was evolved in the 70-170°C temperature 
anhydrous bromo-complex was not as stable as the nitro-complex since a 

weight level corresponding to the composition for former compound was 

d in the curve. Instead, the bromo-complex gave a curve showing a con- 
weight-loss from about 70 to 600°C. The nitro-complex gave a horizontal 

weight level from about 150° to 240°C which corresponded to the composition for the 
anhydrous complex. The anhydrous complex then decomposed, beginning at about 


260°C. to give the residue level at about 600°C. 


rhe DTA curves for the complexes showed a small endothermic dehydration 


ollowed by a series of exothermic peaks. The bromo-complex then gave 
ndothermic peak, centered at about 200°C, which was followed by a series 


nic peaks in the same temperature region as was found for the nitro- 


meous complexes. The thermal decomposition curves of a cobalt (II) 

yplex, H,[CoY]-3H,O, are given in Figs. 7 and 8. The TGA curve showed that the 
water of hydration began to come off at 70°C, giving a break in the curve at 150°C 
responded to the composition for the anhydrous complex, H,{CoY]. Appar- 

y the anhydrous complex was not very stable because a horizontal weight level 
not obtained but rather a gradual loss in weight was found. After a period of 
rapid weight loss the oxide residue level was obtained beginning at 380°C. The DTA 
curve showed an endothermic dehydration peak centered at about 165°C followed by 
‘+r endothermic peak and then a series of exothermic decomposition peaks. 

lhe thermal decomposition curves of a complex in which EDTA occupies all six 
positions on the cobalt (II1) co-ordination sphere, Na[CoY]-3H,O, are given in Figs. 
3 and 4. The hydrate bound water began to come off at about 60°C, giving the an- 
hydrous complex at 170°C. The anhydrous complex began to decompose at about 
230°C, giving the residue weight level at 430°C. It can be seen that this complex is 
about as stable as the H[{Co(HY)X] type complexes. The DTA curve showed a single 
endothermic dehydration peak centered at about 140°C, followed by a series of 
} 


exo 


ermic decomposition peaks. 
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Abstract—Isolation and analysis of some of the nitrato complexes of nitrosylruthenium existing in 
nitric acid solutions has permitted identification of the complexes. The complex that is most extract- 
able in tri-n-butyl phosphate (TBP) was shown to be trinitrato nitrosylruthenium [RuNO(NOs),; 
(H,O),]; other extractable species contained fewer than three nitrato groups. Three cationic species, 
which were isolated by ion exchange techniques, were shown to be dinitrato, mononitrato and 
nonnitrato nitrosylruthenium with the probable formulas [RuNO(NOs3).(H,O);]°, [RuNO(NO;) 
(H,O),]**, and [RuNO(H,O),]**, respectively. A study of the complexes adsorbed by anion exchange 
resins indicated the absorbed species to be a mixture of complexes some of which contained more than 


three nitrato groups per ruthenium atom 


THE chemistry of nitrato nitrosylruthenium complexes has been studied extensively by 
FLETCHER et a/."~® In their earlier papers these workers established the existence of 
four different species of nitrosylruthenium in nitric acid solution. They regarded 
these complexes as the trinitrato, dinitrato, mononitrato and uncomplexed nitrosyl- 
ruthenium. 

In their most recent paper, FLETCHER ef a/. presented evidence to indicate that 
the earlier view was an oversimplification and that in reality each of the four species 
was a mixture of nitrato complexes of nitrosylruthenium. They classified the four 
species as Groups A through D and concluded that Group D was a mixture of 
pentanitrato and tetranitrato nitrosylruthenium while Groups C, B, and A were 
predominantly the trinitrato, dinitrato and mononitrato complexes, respectively. This 
classification was made on the basis of the behaviour of the species in solvent 
extraction and paper chromatography. Group D was the most highly extractable 
species in tri-n-butyl phosphate (TBP) and had the largest R,* value when eluted from 


a paper strip with methyl isopropyl ketone or dibutyl carbitol, while the distribution 
coefficients between nitric acid and TBP and the R, values of the other groups 


decreased in the order C BA. 
The principal evidence for the earlier view that the most highly nitrated complex 
was the trinitrato complex was that solid preparations, made by the evaporation of 


* The information contained in this article was developed during the course of work under contract 
AT(07-2)-1 with the U.S. Atomic Energy Commission. 
The ratio of the distance travelled by the species to that traveled by the solvent front. 
J, M. FLretcuer, I. L. JENKins, F. M. Lever, F. S. MARTIN, A. R. PoWELL and R. Topp, J. Inorg. Nucl 
Chem. 1, 378 (1955). 
A. G. WaIN, P. G. M. BRowN and J. M. FLetcuHer, Chem. & Ind. (Rev.) No. 1, p. 18 (1957). 
P. G. M. Brown, J. M. FLetcuer and A. G. Wain, AERE/C/R-2260 (1957). 
P. G. M. Brown, J. M. FLetcuer, C. J. HARDY, J. KENNEDY, D. SCARGILL, A. G. WAIN and J. L. Woop- 
HEAD, Proceedings of the Second International Conference on the Peaceful Uses of Atomic Energy, Geneva, 
1958, 17, p. 118 United Nations (1959). 
J. M. FLetcuer, J. Inorg. Nucl. Chem. 8, 277 (1958). 
®) J. M. FLETCHER, P. G. M. BRown, E. R. GARDNER, C. J. HARDY, A. G. WAIN and J. L. WoopHEAD, 
J. Inorg. Nucl. Chem. 12, 154 (1959). 
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nitric acid solutions of nitrosylruthenium, usually contained three nitrate ions per 
ruthenium atom. Evidence for the existence of the tetranitrato and pentanitrato 
complexes was given by the anionic behaviour of the Group D species (adsorption on 


anion exchange resins), analogies with the behaviour of other nitrosylruthenium 
complexes and the nitrate complexes of other ions, and the fact that in one instance a 
solid preparation was made in which the ratio of nitrate to ruthenium was slightly 
greater than three. 

[he purpose of the present investigation was to isolate and analyse the various 
species of nitrato nitrosylruthenium to obtain more direct evidence concerning their 


composition 
EXPERIMENTAI 


Reagents. Nitric acid solutions of the nitrato complexes of nitrosylruthenium were prepared by 
refluxing nitrosylruthenium hydroxide with 10 M HNO, for several hours. The solutions were then 
diluted to 1 M HNOg, passed through a cation exchange column to remove Ru(IV), and concentrated 
by evaporation. Solid preparations of the nitrato complexes were made by evaporating nitric acid 
solutions in a vacuum desiccator containing NaOH 

he nitric acid used in preparing the nitrato complexes was made from concentrated nitric acid 
that had been boiled to remove traces of nitrous acid and the lower oxides of nitrogen. 

Tri-n-butyl phosphate (TBP) was purified by distilling technical-grade material in a molecular 
still under a pressure of about 5 «~. The TBP was diluted to 30 per cent with pure n-dodecane. 

The cation exchange resin used was ‘“‘Dowex”’ 50-X8 (100-200 mesh) and the anion resin was 
**‘Dowex” 1-X4 (50-100 mesh) 

All other materials were of reagent quality 


{nalyses 


Ruthenium. The ruthenium content of solutions was determined spectrophotometrically by the 
method of GORTSEMA This method consists in oxidizing ruthenium in an acid solution with an 
excess of periodic acid, and measuring the absorbance of the RuO, at 385 mu. The concentration of 
ruthenium was calculated using CONNICK’s and Hurey’s'*? value, 930, for the extinction coefficient of 
RuO,. When this method is applied to Ru(IV) the oxidation with periodic acid is almost instan- 
taneous, but with nitrato nitrosylruthenium complexes a period of 30 min is required for complete 
oxidation at 25 ¢ The nitro nitrosylruthenium complexes are oxidized even more slowly; it is 
necessary to heat solutions of these complexes for about 20 min at 60°C for complete oxidation. 
Oxidation must be performed in a closed vessel to prevent loss of RuO, by volatilization. This method 
was reported by GORTSEMA to agree with gravimetric methods within 1 per cent. 

Nitrate. Nitrate was determined by a modification of the colorimetric method of ENGLIsH.'* 
This method consists of measuring the absorbance due to the colour developed when nitrate ion is 
reduced by ferrous ammonium sulphate in 15 M H,SO,. The procedure used in this work was the 
following: A known volume of sample, no greater than 2 ml, was placed in a 10 ml volumetric flask 
and sufficient water was added to make a total of 2 ml. The flask was cooled in an ice bath, and 0-20 
ml of a freshly prepared 40° solution of ferrous ammonium sulphate in 20% H.SO, was added. 
Chilled, concentrated sulphuric acid was added slowly to give a total volume of 10 ml. Care was 
taken to keep the flask cool during the addition of the sulphuric acid so that room temperature was 
never exceeded. The absorbance of the resulting purple solution was determined witha Cary model 11 
spectrophotometer at 512 my, between 15 and 30 min after the sample was prepared. The sample was 
read against a blank prepared in the same way as the sample, except that no nitrate was added. The 
concentration of nitrate in the sample was determined from a calibration curve. 

When the samples contained substances that absorbed at 512 my, as did some of the ruthenium 
compounds, a second blank was made in which all the ingredients necessary for the nitrate analysis 
were added except the ferrous ion. The absorbance of this blank at 512 my was subtracted from that 

F. P. GortseMA, Ph.D. Thesis, Purdue University (1959). 


R. E. Connick and C. R. Hur.ey, J. Amer. Chem. Soc. 74, 5012 (1952). 
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of the solution to which the ferrous ion had been added before the nitrate concentration was calcu- 
lated. Such corrections were usually quite small. 

The above analysis was applicable to the nitrato complexes of nitrosylruthenium directly. The 
RuNO group did not interfere since no colour was produced within the time of the analysis when 
solutions prepared by dissolving nitrosylruthenium hydroxide in sulphuric acid were tested. The 
validity of the analysis for nitrate in nitrosylruthenium nitrato complexes [RUNO(NOs),(H,O);_»] 
was also tested by determining the total nitrogen in solutions analysed by this technique. In every 
instance the ratio of nitrogen to ruthenium was one greater than the ratio of nitrate to ruthenium, as 
expected 

Total nitrogen. Total nitrogen (i.e., nitrogen present as the nitrosyl, nitrato or nitro groups) was 
determined as follows: A sample of the ruthenium compound was oxidized in dilute sulphuric acid by 
heating with a slight excess of potassium peroxydisulphate catalysed with silver sulphate. The 
ruthenium was oxidized to the tetroxide and the nitrogen-containing groups to nitric acid. The 
ruthenium tetroxide was volatilized by continued heating and the nitrate remaining in solution was 
determined colorimetrically by the method described previously. 


EXPERIMENTAL TECHNIQUES 


Solvent extraction. Solvent extraction experiments were performed in centrifuge tubes. The two 
phases were mixed for about 15 sec by pulling the mixture into a transfer pipette with a syringe and 
returning it rapidly to the centrifuge tube. Phases were separated by gravity or by centrifugation 
within 30 sec after agitation was stopped. 

Cation exchange. The cation exchange column was a 12 cm length of 7 mm i.d. glass tubing with a 
Teflon stopcock at the bottom and a 50 ml reservoir at the top. The entire column was enclosed in a 
jacket through which cold air was circulated. The cold air was obtained by passing a stream of air 
through a Dewar flask containing dry-ice. It was possible to control the temperature of the jacket 
between 0 and 5°C by controlling the air flow. 

rhe column was filled initially with cation resin in the hydrogen form. Solutions were passed 
through the columns at rates between 0-3 and 0-5 ml/min. 

Ruthenium solutions that were to be added to the ion exchange column were prepared by ageing 

3 M HNO; solutions of nitrato nitrosylruthenium for several days at room temperature and diluting 
to 0:05 M HNO, with cold water or by dissolving a solid preparation of nitrato nitrosylruthenium 
complexes in cold water. Temperatures were held between 0 and 5°C during dilution and subsequent 
column operations to prevent the hydrolysis of the ruthenium complexes. 

Anion exchange. The apparatus used in the anion exchange experiments consisted of a 15 ml glass 
funnel with a coarse frit connected to a test tube through a rubber stopper. Either pressure or vacuum 
could be applied to a side arm in the test tube. A stirrer was used to agitate the contents of the funnel. 

About 2 ml of *“‘Dowex” I anion exchange resin in the nitrate form, together with 2-3 ml of 
solution containing nitrosylruthenium nitrato complexes in nitric acid or a calcium nitrate solution, 
was placed in the funnel. Sufficient air pressure was applied to the test tube to prevent the solution 
from passing through, and the mixture was agitated for several hours to allow equilibrium to be 
attained. Vacuum was then applied, and the solution was drawn into the test tube. The resin in the 
funnel was then washed four times with 5 ml quantities of ice-water to remove the excess solution 
adhering to the resin and the funnel. Each of the washings required about 5 sec. The solution and 
washes were combined and analysed for ruthenium to find the amount that had been adsorbed. 

The resin was agitated for an hour with each of three 5 ml quantities of water which served to 
remove essentially all of the ruthenium and to return the resin to the nitrate form. The resulting 
solutions were combined and analysed for ruthenium and nitrate. 


RESULTS 


Composition of the species most extractable in TBP 


The species of nitrato nitrosylruthenium most extractable in tri-n-butyl phosphate 
(TBP) was isolated in this solvent, free from the other nitrato complexes and nitric 
acid. An analysis of the isolated compound showed nitrate and ruthenium to be 
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in a ratio of 3:1, demonstrating that this species is the trinitrato nitrosyl- 

nenium 
\ solution of nitrato complexes of nitrosylruthenium was allowed to age for 
ral days in 7 M HNO... The solution was diluted to 3 M HNO, and was extracted 
ediately with 30°, TBP. The solvent was then scrubbed four times with an equal 
volume of 3 M HNO, to remove the lower nitrato complexes. The distribution co- 
efficient of the most extractable species is about two under these conditions, while that 


for the other complexes is no greater than 0-1 that value™:!, 


This procedure isolated 
the most extractable species 

The excess nitric acid was removed by washing the solvent four times with twice 

volume of water. The pH of the aqueous phase after the fourth water wash was 

, indicating that essentially all the nitric acid had been removed. The distribution 

efficient for the ruthenium complex was not measured, but must be greater than one 

comparison of the rose colour of the complex observed in the organic phase and 

»f colour in the aqueous phase at equilibrium. The ruthenium complex 

was back-extracted from 30°, TBP with 0-2 M NaOH, which converted the nitrato 
complexes to the soluble nitrosylruthenium hydroxide. 

The rate of conversion of the most extractable species to other nitrato complexes 

so slow that no appreciable amounts of these complexes should form during the 


min required for the separation. The half-time for the conversion in the aqueous 
phase reported by FLETCHER ef al." is 30 min at 25°C, while RUDSTAM reported 28 


min at 20°C." Both authors found the rate to be virtually independent of the nitric 
acid concentration, as would be expected for the aquation reaction causing the 
conversion. Their values may be considered valid for water although their measure- 
ments were made in acid solutions. RupsTAM"® further reports a half-time for the 
conversion of approximately 17 hr in 30°, TBP at 20°C. It is therefore reasonable to 
hat no significant decomposition of the complex occurred during the separation 

hat the substance isolated was a pure species. 

[his experiment was performed three times, and the ratio of nitrate to ruthenium 
was determined for the NaOH extract of the organic phase. The ratios of nitrate to 
ruthenium in the three experiments were 2:98, 2:98 and 3-03. These results agree, 
within experimental error, with the value 3-00 expected for trinitrato nitrosylruthenium 
[RuNO(NOs),(H,O),]. In another experiment the ratio of total nitrogen to ruthenium 

to be 4:03, which again is consistent with the value expected for the tri- 


other experiment was performed in which the nitrato nitrosylruthenium 
aged in 3 M HNO, and extracted into 30% TBP, after which the 
d was removed by washing with water. No attempt was made to 
remove the less extractable species by washing with 3M HNOQOs. The nitrate to 
ruthenium ratio of 2-43 found in this experiment demonstrated that the less extractable 
yntain less than three nitrato groups per ruthenium atom. 
oO; the cation specie § 
Four distinct species of nitrato nitrosylruthenium complexes were isolated by a 
cation exchange column technique. Three species were adsorbed by the resin from 


G. R AN ta Chem. Scand, 13, 1481 (1959). 
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very dilute nitric acid solutions (less than 0-1 M) while a fourth remained in the 
aqueous phase. The adsorbed species were resolved into three components by elution 
with solutions of higher acidity. One component was eluted rapidly with 0-5 M acid, 
and a second with 2:0 M acid while the third could not be removed from the column 
with 6 M acid nor with 0-3 M La(ClO,)3. The latter species was removed, probably asa 


sulphato complex, after the resin had been allowed to stand for several days in contact 
with 3 M H,SQ,. 

Aqueous solutions of the three cationic components obtained by eluting the 
column with H,SO, or HCIO,, after the excess nitric acid and unadsorbed ruthenum 


had been removed by a water wash, were analysed for nitrate and ruthenium. The 
mole ratio of nitrate to ruthenium in each of these species is shown in the table. These 
results agree with those expected for dinitrato, mononitrato,and uncomplexed nitrosyl- 


ruthenium. 


COMPOSITION OF CATIONIC SPECIES 





Order of elution from Mole ratio Number of 
ion exchange column NO,~/Ru determinations 


1-89 0-05 
1-02 0-04 


The unadsorbed species was probably trinitrato nitrosylruthenium. Although no 
attempt was made to determine the ratio of nitrate to ruthenium in this species 
because of the presence of nitric acid in the solution, the rose colour of the solution 
and the nearly quantitative extraction of the colour into 30°, TBP were characteristic 
of the trinitrato complex. 


Composition of the anionic species 

Attempts to study the anionic complexes by column techniques with anion 
exchange resins were generally unsuccessful. On adsorption, broad bands were 
obtained which could not be resolved by elution with nitric or sulphuric acid, although 
the adsorbed ruthenium was removed from the columns. The complexes could also 
be eluted from the column with water but not without decomposition. 

Failure to isolate individual species by the column technique made it apparent that 
the only easily obtainable information concerning the anionic species was the gross 
composition of the complexes adsorbed by the resin. This information was obtained 
by adsorbing the nitrato nitrosylruthenium complexes on anion resin in the nitrate 
form and washing rapidly with cold water to remove the excess solution. The 
adsorbed ruthenium complexes were then removed from the resin by prolonged 
agitation with water. 

Since the resin was initially and finally in the nitrate form, that portion of the resin 
that remained unchanged can be ignored and the process occurring on elution of the 
complexes with water can be presented as follows: 


Resin - RuNO(NQOs3), “— Resin - (—g)NO; + RuNO** + [x g)|NO, 
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where x is the number of nitrato groups associated with one ruthenium atom in the 


adsorbed complex and —g is the charge on the complex. A determination of the ratio 
NO, /Ru in the eluate from the resin should then equal [x — (—gq)]. The significance 
of this quantity will be considered in the Discussion Section. 

Four measurements were made with “Dowex” 1-X4 resin, two in which the 
ruthenium complexes were adsorbed from 3M HNO,, one in which they were 
adsorbed from 1-5 M HNOs, and one in which they were adsorbed from a saturated 
calcium nitrate solution. In each case a material balance on ruthenium showed that 
at least 98 per cent of the adsorbed ruthenium was recovered by the water elution. The 
ratios NO, /Ru in the eluate from the resin in these four experiments were 2:59 and 
2:71 in the runs where the ruthenium was adsorbed from 3M HNQs, 2°69 when 
adsorbed from 1-5 M HNO, and 2:59 when adsorbed from saturated calcium nitrate. 
An analysis for calcium in the last run showed it to be present in the eluate only in 
very small amounts so that no significant amount of nitrate ion could have come 
from dissolved calcium nitrate in the holes within the resin. 


DISCUSSION 
The general formula for monomeric nitrosylruthenium complexes in aqueous 
nitrate solution is 


[RuNO(NO ),(H,O),(OH), |! 


subject to the restriction that the co-ordination number of ruthenium is six (i.e., 
x } Z 5) and the charge q b (x z). The present work has established 
the existence of complexes in which x is 0, 1, 2 and 3. 

The species with x = 3 extracts readily into the TBP and since g must be zero in 
the solvent phase the formula must be [RuNO(NO3),(H,O).]°. The species in which x 
is 0, | and 2 were all cationic, but it is not possible to be certain of the values of g in 
all of these complexes on the basis of the present experiments. In the complex where 
X 2, however, the greatest positive charge possible is one and the adsorbed species 
must be [RuNO(NQOs).(H,O)3]*. The fact that the complex in which x | is 
adsorbed more strongly by cation resins than that in which x = 2 indicates that it is 
more highly charged and its formula is probably [RuNO(NO,)(H,O),]**. The complex 
in which x = 0 is even more tightly bound to the resin and may be [RuNO(H,O),]** : 
however, the extreme difficulty encountered in removing it from the resin suggests 
that it may be polymeric. 

The species formulated above are only the ones which have been isolated; others 
may, and probably do exist in aqueous solutions. Each of the complexes possessing 
an aquo group is capable of undergoing the following reaction: 


[RuNO(NO,),(H,O),(OH),]’ — [RuNO(NO,),(H,O),_,(OH),,.,]* + H 


This reaction should be rapid and reversible since it only involves transfer of a proton 
from water in the complex to that in the solvent. There are possible, then, (6 r) 
different complexes for each value of x. All of these probably do not occur; however, 
the existence of neutral species in which x < 3 is indicated by the extraction of the 
lower nitrato complexes into TBP, and [RuNO(NO3), (H,O),(OH)]° probably exists 
in aqueous nitric acid in equilibrium with [RuNO(NO,),(H,O).]°. 
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The results of the experiments with the anionic species were not unequivocal. 
These experiments gave only the quantity [x — (—gq)] and there exist two possible 
complexes for every integral value of this quantity. Both [RuNO(NO,),)*- and 
[RuNO(NO3),(H,O)]- would give values of three, while [RuNO(NO3),(OH)]?~ and 
[RuNO(NO,),(H,0)(OH)]- would give values of two. The values obtained 
experimentally between 2:59 and 2:71 indicate that both classes of complexes were 
present. It is certain, however, that [x — (—gq)] could not have exceeded two unless x 
was greater than three in some of the adsorbed species. These results establish the 
existence of nitrato complexes higher than the trinitrato complex. 
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Abstract—Evidence is presented that cis diaquobis (o-phenanthroline) chromium(III) nitrate is more 
stable than the trans-diaquobis (o-phenanthroline) chromium(III) nitrate. Infra-red spectra from 
5 to 40 « are presented for cis-diaquobis (o-phenanthroline) chromium(III) nitrate and for the tetrakis 
(o-phenanthroline) -diol dichromium(III) nitrate as well as the pure ligand. 


IN a recent study of the reaction of hexaquo chromium(III) ion and o-phenanthroline“? 
it was found that in the pH range 1-5-3-0 a salt, believed to be trans diaquobis 
(o-phenanthroline) chromium(III) nitrate, was isolated. A further study of this 
reaction has been made. 

Chromium(III) nitrate was reacted with o-phenanthroline in a molar ratio of 1:3 
as described in reference (1), and two different products were isolated depending upon 
the pH of the reaction mixture. At low pH (1:5—2-2) an orange. crystalline solid was 
obtained, and at the higher pH (3-0-3-8) a purple, crystalline product was formed. 

\ C—-H—N analysis of the orange compound was obtained; and the compound 
was titrated with standard NaOH solution. These analyses indicated that this orange 


product was the same as the product obtained in the earlier work. 

The behaviour of the purple crystals toward strong acid or strong base was 
markedly different than that of the orange crystals. An aqueous solution of the orange 
complex was immediately (but reversibly) changed in colour from orange to red upon 
the addition of concentrated (SN) sodium hydroxide solution, while the aqueous 


solution of the purple crystals irreversibly turned yellow and a precipitate formed upon 
addition of a large aliquot of concentrated base. However, the gradual addition of 
base to a solution of the purple compound gave a different action in that the addition 
of base was accompanied by a sharp rise in pH of the solution. If the solution was 
allowed to stand for several minutes’ time the pH slowly dropped to only somewhat 
above the original value. The process could be repeated several times until approxi- 
mately equal molar portions of base to complex had been added. It was possible to 
titrate the substance potentiometrically and obtain a curve characteristic of a monobasic, 
very weak acid. It was not possible to obtain a well-defined end point for this titration 
even though the titration was carried out over a period of several days. This behaviour 
was analogous to that described for the olation compound tetrakis (ethylenediamine) 
u-diol dichromium(III) chloride by Premrrer.“) The C—H—N analysis of the 
purple complex indicated that the compound contained two phenanthrolines and two 

R. G. Inskeep and J. ByERRUM, Acta Chem. Scand. 15, 62 (1961). 

P. Preirrer, Z. Anorg. Chem. 56, 261 (1907). 
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nitrates per chromium atom and the titration showed that the formula weight was 
approximately 1100. These data indicated that the purple crystals are a hydrate of 
tetrakis (o-phenanthroline) u-diol dichromium(II1) nitrate. 

This olation compound had a visible absorption maximum of 530 my and an 


Emax 49-4 (calculated per gramme atom of Cr.) and the spectrum is given in Fig. 1. 





60r-- 





Fic. 1.—Plot of extinction coefficient versus wavelength for tetrakis (o-phenanthroline) “-diol 
dichromium(III) nitrate (A) and cis-diaquobis (o-phenanthroline) chromium(III) nitrate (B). 


he infra-red spectrum of the crystals suspended in a KI disk is given in Figs. 2 and 3. 
A solution of this compound in 0:1 N nitric acid heated to 60°C slowly changes colour 
from red to orange. This colour change was complete in 24-48 hr. Orange crystals 
were isolated from this solution of hydrolysed olation compound. 

These second orange crystals were quite similar in appearance to the first orange 
crystals obtained by the refluxing of an 0-2 N aqueous solution of chromium(III) 
nitrate with o-phenanthroline in the pH range 1-5—2-2. The titration of these second 
orange crystals with sodium hydroxide gave a potentiometric curve characteristic of a 
dibasic acid and an equivalent weight of 646. These facts and a C—H—N analysis 
indicated that the compound was a hydrate of diaquobis (o-phenanthroline) 
chromium(III) nitrate. These crystals obtained by hydrolysis of the olation compound 
must necessarily be the cis-diaquo compound, as chromium(III) amines are known to 
be quite inert (hence cis—trans rearrangement is unlikely); while the crystals obtained 
from the low pH reaction mixture were believed (from (1)) to be the trans-diaquo ion. 

The visible spectra of cis- and of trans-diaquobis (ethylene-diamine) chromium(III) 
ion are easily distinguishable from one another. The visible spectra of the two orange 
reaction products were identical with an absorption maximum of 497 my and émax 
41 (Fig. 1). Also, the infra-red spectra of cis- and of trans-diaquobis (diamine) 
chromium(III) ions should differ—particularly in the 250-650 cm™ region. Again the 


two spectra of both samples of orange crystals obtained were identical (Figs. 2 and 3). 
It is of interest to examine the infra-red spectra of these compounds. Above 650 


3) F. WoLpByE, Acta Chem. Scand. 12, 1079 (1958). 
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Wavenumber, Kaysers 


Wavelength, 


The infra-red absorption spectra of the denoted compounds from 5 to 15 yu. 
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cm~‘ the spectrum of the orange crystals and the spectrum of the purple crystals are 


quite similar to each other and to the spectrum of pure o-phenanthroline. The only 
new bands in the complexes in this region are attributable to the nitrate ion and the 


phenanthroline in K 


80} 


} 
60 4 fr adil 
ee 


Fic. 3.—The infra-red absorption spectra of the denoted compounds from 15 to 40y. 


remaining bands are perturbed phenanthroline bands. Below 650 cm several 
completely new bands appear in the spectra of the complexes. The broad band in the 
orange crystal spectrum ranging from 488 to 561 cm~ changes to a sharp strong band 
at 551 cm™ in the olation compound’s spectrum. The bands below 400 cm~! in the 
spectra of the complexes are similar to one another and are very probably due to the 
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the band system formed by chromium ion and phenanthroline. It should 
rofitable to more thoroughly explore the spectra of more complexes in the 
region in order to make definite vibrational assignments. 


spectroscopic work is in process. 


EXPERIMENTAI 


spectra were obtained on a model 14 Cary Spectrophotometer. 
red spectra from 650 to 4000 cm~' were obtained using KI pellets and checked using 
ona Beckman IR-4 with NaCl optics. The spectra from 250 to 650 cm“! were obtained on 
Model 21 using CsBr optics 


OH 
(phen): Cy Cr (phen), |(NO 3), *H,O (Found: C, 51-41; H, 3-79; 
OH 


la wt., 1107. Calc. for CroC4y,H3.N,.0;;: C, 51:25; H, 3-20; N,14:95%; Formula 


sed olation compound [Cr(phen).(H,O).] (NO3)3 - 3/2H,O (Found: C, 42:80; H, 3-90; 
Formula wt. 647; Calc. for CrC,,H.3;N-O,.3: C, 43-65; H, 3-48; N,14-81%; Formula 


ils from low pH reaction [Cr(phen).(H,O),] (Found: C, 44:05; H, 3-75; N, 14:70%; 
Cale. for CrC,y4H23N;O,.3: (NOs); * 3/2H,O analysis: C, 43-65; H, 3-48; N, 
661 
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THE PREPARATION AND SPECTRUM OF TETRABUTYL 
AMMONIUM URANYL DIBUTYL PHOSPHATE 
[Bu,N UO,(DBP),] 


J. KENNEDY and A. M. DEANE 
Atomic Energy Research Establishment, Harwell, Didcot, Berks 


(Received 26 January 1961) 


Abstract—The double salt Bu,N UO.(DBP), [where DBP = (BuO),POO] has been prepared. Infra- 
red data for this species and comparison of its spectrum with that of UO,(DBP),-HDBP-TOPO 
(where TOPO = trioctyl phosphine oxide) inclines us to the view that the latter is the oxonium salt 
TOPO H*(UO,(DBP),]~. Slow evaporation of a solution of UO,(DBP),-2HDBP in carbon tetra- 
chloride results in the formation of crystalline UO,(DBP), 


IN a previous report” we noted along with other data the infra-red spectra of the 
species UO,(DBP),.-2HDBP and UO,(DBP),-HDBP-TOPO [where HDBP and TOPO 
are respectively abbreviations for dibutyl phosphoric acid (BuO),POOH and tri-n- 
octyl phosphine oxide (C,H,,),PO]. These spectra are consistent with the equivalence 
of three DBP ligands in the uranium complexes, a feature which is very evident in the 
spectrum of UO,(DBP),HDBP-TOPO, and implies the molecular association 
UO,(DBP),H-TOPO. It was therefore pertinent to extend our investigations to salts 
containing the uranyl dibutyl phosphate anion, i.e. [UO,(DBP),]~. Though such salts 
had not hitherto been reported, the possibility of their preparation did not seem 


unlikely in view of the existence of well-characterised salts such as Cs VO,(NO3), and 
Na UO,(CH;,COQO)s;. We have accordingly prepared the double salt tetrabutyl- 
ammonium uranyl dibutyl phosphate [Bu,N UO.(DBP),] and have examined its 
visible and infra-red spectra for purposes of comparison with those of other uranium 


dibutyl phosphate species. 
EXPERIMENTAI 


Solution of tetrabutylammonium hydroxide (Bu;N OH) 


Tetrabutylammonium iodide‘ (180 g) was dissolved in aqueous alcohol (50°%,, 1250 ml) and the 
solution was passed through a column of Deacidite FF anion exchanger (OH form, ca. 600 ml bed 
volume) which had been pretreated with two bed volumes of 50 per cent aqueous alcohol. After 
passage of the solution the resin was washed with a further 500 ml of 50 per cent aqueous alcohol and 
the washings and raffinate were combined. The free base was not isolated from this solution 


Tetrabutylammonium dibutyl phosphate (BuyN DBP) 


The solution of Bu,N OH from the previous preparation was neutralized potentiometrically with 
50° HDBP** in alcohol, after which the solution was evaporated at 30 mm pressure on a hot water 
bath and the product was finally dried at 65-70°C and 3mm. An almost colourless liquid, 
which crystallized rapidly on cooling, remained in the flask. Yield 205g, m.p. 55°C. Analysis 
682% P; Bu,N DBP requires 6°87% P. HDBP and the ammonium base were regenerated in 
theoretical yield by passing solutions of the product in 50 per cent alcohol through columns of ion 
exchangers. Bu,N DBP is readily soluble in carbon tetrachloride, benzene, alcohol, acetone, ethyl 
acetate and water, and is very hygroscopic. 

1) J. KENNEDY and A. M. Deane, AERE-R 3410; J. Jnorg. Nucl. Chem. In press. 


2) H. A. LAITINEN and S. WAWZONEK, J. Amer. Chem. Soc. 17, 1765 (1942). 
») J. KENNEDY and S. S. Grimey, AERE CE/R 968 (1952). 
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tylammonium uranyl dibutyl phosphate BuyN UO,(DBP) 

Initial batches of Bu,N UO,(DBP), were prepared by dissolving UO,(DBP), (2°15 g) in carbon 
tetrachloride,’ and adding this solution to an equimolar portion (1-409 g) of Bu,N DBP in the same 
solvent. After dilution to 50 ml with CCl, the solution separated into two phases, the upper phase 
containing most of the uranium. The light yellow needle-like crystals which separated from this phase 
on standing were filtered and washed repeatedly with CCl, Found: U, 20-1; P, 8-3; Calc. for 
Bu,N UO,(DBP),: U, 20-1; P, 8-16°%). The product dissolves in hot ethyl acetate and crystallizes 
readily from the latter on cooling. Subsequent preparations were accordingly made by adding equi- 
molar ratios of the reagents to this solvent, heating to 70°C until dissolved followed by cooling and one 
recrystallization of the product from a fresh portion of ethyl acetate. The yields in both these 
preparations were 85-91 per cent 

Bu,N UO,(DBP), is only slightly soluble in non-polar solvents. It is also insoluble in ether but 
dissolves readily in alcohol and acetone. It is completely dissociated in water into solid (insoluble) 
UO,.(DBP), and soluble Bu,N DBP, as shown by the stoicheiometric quantity of acid (HDBP) which 
s liberated on passage of the filtered solution (diluted with alcohol to retain HDBP in solution) 


through Zeo Karb 225 (H form). Bu,N UO,(DBP); melts without decomposition at 112-114°C 


Crystalline uranyl dibutyl phosphate, UO.(DBP), 


ttempts to obtain UO,(DBP),2HDBP" free of solvent by allowing its solution (00625 M) in 


carbon tetrachloride to evaporate at room temperature produced small needle-like crystals dispersed 


na very yellow viscous liquid. After centrifuging the mixture the supernatant liquid was found on 
inalysis to contain 13-9 per cent uranium, and is probably a solution of UO,(DBP),2HDBP in HDBP 
dimer. Its infra red spectrum corresponds closely to that previously recorded" for a CCl, solution of 
a mixture of UO,(DBP),-2HDBP and (HDBP),. The crystals were washed with n-heptane, in which 
they are insoluble, and uranium analyses (by the colorimetric peroxide method"? after dissolution in 
carbonate solution) indicated that they were pure UO,(DBP),. Although crystalline, the infra red 
spectrum in the region 5000-900 cm~? is similar to that for the amorphous product." 

Evaporation of 0-0625 M UO,(DBP),2TOPO" in carbon tetrachloride resulted in a yellow 


gummy residue which did not crystallize on standing or etching. 


Spectra 
Visible spectra were taken with a Unicam SP600 spectrophotometer and infra-red measurements 


were obtained with the Hilger H800 spectrometer used in previous investigations." 


RESULTS AND DISCUSSION 


Apart from the ammonium salt we have not attempted to prepare other salts 
containing the [UO,(DBP),]~ anion. The butylammonium salt was chosen partly 
because the expected solubility of Bu,N DBP in organic solvents would permit it to 
react with UO,(DBP), under strictly anhydrous conditions, and partly also because it 
was expected (albeit erroneously) that the product Bus,N UO,(DBP), would be soluble 
to some extent in inert non-polar solvents, which would permit examination of its 
visible and infra-red spectra in the latter. The main objection to measuring spectra of 
uranium complexes in polar oxygenated solvents such as acetone or alcohol is the 
possibility of chemical interaction between solvent and solute. The visible spectra of a 
solution of Bu,N UO,(DBP), in acetone and those of other uranium—dibutyl 
phosphate complexes in acetone and CCl, are given in Fig. | (a and b). 

As with the spectra of other uranyl compounds”) the positions of the maxima in 
the region 400-457 my are almost the same in all species examined. A significant 


*) A. A. SMALEs and E. Fursy, AERE C/R 344 (1950). 
L. KAPLAN, R. A. HILDEBRANDT and M. Aber, Report ANL-4521 (1950). 
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refinement in structure is evident in the spectrum of UO,(DBP), in acetone compared 
with that in CCI,. In the latter solvent uranium is in the polymeric form [UO,(DBP),],,, 
while in acetone the monomeric species UO,(DBP), xMe,CO may also be present. 
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Fic. 1.—Spectra of 0°0625M uranium (VI) species in acetone and carbon tetrachloride. 


Some evidence for monomeric UO,(DBP), has previously been noted in VUO,-HDBP- 
hexone systems.“ As with other anionic uranium species such as Bu, NUO,(NO,) 
and Na, UO,(CO,),"” the most refined structure is that for Bu,NUO,(DBP), in 
acetone. Significant differences in the positions of maxima are evident in the spectra 


6) D. DyRssEN and F.AKR ASOVEC, Acta Chem. Scand. 13, 561 (1959). 
7) E. P. BULLWINKEL, Report RMO-2614 (1954). 
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UO,(DBP),-2HDBP and UO,(DBP),-2TOPO, particularly in the region 465-500 
[he infra-red spectra of the compounds Bu,NDBP and Bu,N UO,(DBP),; 
null in nujol) are given in Fig. 2(a and b) along with that of UO,(DBP),-HDBP-TOPO 
Au 


, (Fig. 2c) the latter being reproduced from reference (1). The spectrum of 





1G. 2.—Infra-red spectra of uranium (VI) species. Nujol bands marked N}, 


Bu,N DBP differs little from that of Na DBP.‘ An interesting feature of these salts 
is the absorption in the region 910-750 cm, which has also been reported by 
Smitu.'*) The origin of these bands is uncertain but, as shown by SmitTH, their 
intensity decreases progressively in the series Na*, Li*, La**, and the bands are almost 
absent in the spectra of the unionized dimer (HDBP), and of UO,(DBP),. In Bu,N 
DBP the POOanti symmetric vibration vpooiq) Occurs at 1264cm™ while with 
UO.(DBP), (a polymer) vpoo;,) has fallen to 1139/24. In the spectrum of Bu,N 

[UO.DBP)s}-, poo) has risen to the intermediate value of 1193 cm~', which 
compares with vpooi,) Values of 1205, 1202 and 1199 cm™ for UO,(DBP),-2HDBP, 
UO.(DBP),,HDBP-TOPO and UO,(DBP).*2TOPO respectively. As previously 
mentioned,” this rise in frequency may be due to rupture of the polymerizing bonds 
in the polymer [UO,(DBP),],,. The antisymmetric vibration »,,, of the UO, group 
occurs at 936-933 cm“ in the spectra of UO,(DBP), and UO,(DBP),-2HDBP, while 
with UO,(DBP),-HDBP-TOPO and UO,(DBP),:2TOPO, »,,, has fallen to 922 cm~. 
We now find 1,,) for Bus, NUO,(DBP), occurring at 917 cm~. This decrease in 1, 


lr. D. Smitn, J. Inorg. Nucl. Chem. 9, 150 (1959). 
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can be attributed to a very slight increase in the U—O bond length (R) of the UO, 
using the equation AR ~ —5 x 1077 »,,,.(Ay,)), has shown how a 


»(9) 


group, and JONES 
small increase (AR 0-01 A) in R can result in a significant decrease (Ar) & 
20 to —28 cm“) for », 


values of 1000 to 700cm™. A complete shift in the rp, 


band of Bu,N DBP from about 1260 to 1193cm™ in the spectrum of Bu,N 
UO,(DBP)s. as well as the absence of significant absorption in the latter case in the 
regions 750 to 810 cm~ and 870-910 cm“, and also the absence of other bands which 


could be assigned to a yp ,) Vibration, is clear evidence that no free [DBP]- ion 
exists in the uranium species and that all three DBP ligands are equivalently bound. 
Furthermore, if one ignores absorption due to combined TOPO" in the spectrum of 
the species UO.(DBP),.-HDBP-TOPO (Fig. 2c) the resultant pattern (i.e. the spectrum 
of UO,(DBP),-DBP) is closely similar to that for [UO,(DBP),]~* (Fig. 2b) in other 
details—the inference being that the TOPO complex is an oxonium salt of the form 
(C.H,,),POH* [UO,(DBP),]-. 

Attempts to prepare the species (Bu,N), UO,(DBP), (analogous to the tetra- 
nitrato complex)” by fusion of combined equimolar portions of Bu,NDBP and 
Bu,NUO,(DBP), were unsuccessful, and the infra-red spectrum of the resolidified 
product is consistent with that of a mixture of the two salts. 


Acknowledgement—We are grateful to Mr. M. Torr for assistance in preparative and analytical 
experiments. 
*) L. H. Jones, Spectrochim. Acta, 10, 395 (1958). 


G. H. Drexke and A. B. F. DuN AN, Spec froscopk Propertie s of Uranium C€ ompounds, p. 139 McGraw- 
Hill. New York (1949). 
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INFRA-RED SPECTRA OF WATER IN TRIBUTYL 
PHOSPHATE CONTAINING DISSOLVED SALTS, 
AND THE EFFECTS OF SOLUTES ON THE 
TRIALKYL PHOSPHATE SPECTRUM 


L. I. KATZzin® 
Chemistry Division, A.E.R.E., Harwell, Berks. 


(Received 24 January 1961) 


Abstract—Data are presented on shifts of infra-red spectral peaks for the phosphoryl! group of tributyl 
phosphate when various salts are co-ordinated. The effects of dissolved salts on the spectrum of 


water present in the phosphate are also pointed out 


THERE is a large body of chemical evidence to indicate that compounds with the 
phosphoryl group, PO, co-ordinate inorganic salts strongly. They also co-ordinate 
molecular substances, such as water, which can form hydrogen bonds to the oxygen. 
Liquid compounds such as the trialkyl phosphates interact sufficiently strongly with 
salts that high concentrations are achieved, and in some cases the amount of salt 
dissolved is limited only by the amount of phosphate available—no significant 


amounts of free phosphate are detected."’ The significant oxygen is apparently the 


phosphoryl oxygen, the ester oxygens playing no detectable role. (This is not neces- 
sarily true for HCl and HNOs.) Inasmuch as both water and cations are bound to the 
same phosphoryl oxygen, in systems where both are present there is competition 
recognized between them. Advantage was taken of measurements made of the infra- 
red spectrum of a number of nitrates in tributyl phosphate™ to observe the evidence 
of phosphoryl group involvement in the solution process, and to follow the changes 
in the water peaks in comparison with the saturated solution of water alone in 
tributyl phosphate (TBP). Experimental details will be found in the previous paper. 
(Most of the solutions were made from hydrated crystalline salts, and at saturation 
were in equilibrium with a saturated aqueous phase.) 


The phosphoryl infra-red band 


In tributyl phosphate (and also in triethyl phosphate) the phosphoryl band has a 
rather sharp maximum at about 1282 cm. The peak is clearly not single, having an 
asymmetry and slight shoulder which indicate a less intense component which is not 
quite resolved by the instrument—a peak frequency perhaps 5-15 cm lower than the 
frequency of the obvious maximum. The intensity of the phosphoryl band is about 
40 per cent that of the very intense P—O—C vibrational peak at about 1028 cm™. On 
saturating the liquid with water, the shape of the P—O band is altered, so that the 
peak is more symmetrical and noticeably broadened, and the maximum falls now at 
about 1270 cm~'. The intensity, relative to a carbon skeletal vibration at 1466 cm— 


* Exchange Research Scientist, A.E.R.E., 1958-59. 

+ Permanent address, Chemistry Division, Argonne National Laboratory, Argonne, Illinois. 
L. I. Katzin, J. R. FERRARO, W. W. WENDLANDT and R. L. McBetn, J. Amer. Chem. Soc. 78, 5139 (1956). 
L. I. Katzin, J. Inorg. Nucl. Chem. In press. 
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which is unaffected by solute, is reduced from 2:55 to 2-1. A_ similar sort 
of phenomenon may be behind the literature discrepancies on the singleness or 
doublet character of the phosphoryl vibration summarized by BELLAMY). A rather 
similar P—O vibration is seen with POCI;."7) However, in TBP saturated with ThCl,, 
in which the PO peak is completely shifted to about 1200 cm~', there is seen a small 
residual skeletal peak at about 1265cm™' which could account for the apparent 
doubling. 

All salts dissolved in tributyl phosphate produce shifts of the phosphoryl band 
toward lower frequency. With only one or two possible exceptions, where the amount 
of salt in the solution may itself be a factor, the shifts are greater than that produced 
by water (see Table 1). Mass of the entity attached to the phosphoryl oxygen is perhaps 
a factor in the magnitude of the shift, but comparison of, say, cadmium nitrate with 
ferric nitrate, or ferric nitrate with thorium nitrate, indicates that this is not the 
determinative factor. Cationic charge and, presumably, nature and strength of the 
bond to the phosphoryl oxygen are factors to be considered also. 

Ferric chloride alters the P—O vibration to ‘wo distinct peaks of similar intensity, 
at 1237 and (slightly stronger) 1196 cm’, respectively, both unmistakably different 
from the original peak in location and in shape. A tentative interpretation would be 
that these represent respectively co-ordination to the six-co-ordinate and to four-co- 
ordinate iron, it being known that a four-co-ordinate chloroferrate species is the one 
extracted into organic solvents from HCI solution.®:® With ferric nitrate the PO 
peak is apparently doubled also, at 1216 and at 1183cm™', with less difference 
apparent in the intensities of the two peaks than with the chloride. A corresponding 
difference in the phosphoryl peak shift is not seen between the red, six-co-ordinate 
cobaltous nitrate solution, and the blue four-co-ordinate cobaltous chloride solution. 
The cobaltous nitrate solution shows a phosphoryl band shift down to 1246 cm™ 
whereas the corresponding peak of the chloride solution is 1286cm~'. This may, 
however, reflect only the relatively low solubility of the chloride. 

In the systems which show large P—O band shifts, there is also seen a shift in the 
P—O—C bands. These, in pure TBP, have an extremely intense component at 1028 
cm~', and a much less intense, apparently sharp component at 990 cm~!. A similar, 
slightly weaker peak at about 1060 cm™ is probably a skeletal vibration. With high 
concentrations of solute, there is seen a small shift to higher frequencies of the 990 
cm~' band, revealed largely as an increased resolution of a skeletal frequency at 960 
cm~', and a transformation to a shoulder on the more intense component. The main 
peak at 1028 cm seems to suffer principally a broadening and loss of intensity, 
changing the appearance of the original triad in extreme cases to that of a broad blunt 
peak, with the scallop marking the 1060 cm“ (probably skeletal) component some- 
times almost as intense as the central component, and the original 990 cm~ com- 
ponent now only a shoulder with an apparent intensity considerably /ower than that 
of the 1060 cm~ component. It seems more likely that these shifts represent changes 
in the CH,—O—P and C—-O—P frequencies“ compensatory to the coordination at 
the phosphoryl oxygen rather than symptoms of participation of the ester oxygens in 
co-ordination to the solute. 


‘3) L. J. BELLAMY, The Infra-red Spec tra of Complex Molecules (2nd Ed.) Methuen, London (1958). 
(4) P.O. Kinet, I. Linpavist and M. ZACKRISSON, Acta Chem. Scand. 13, 190 (1959). 

») §. Kato and R. Isuu, Sci. Papers Inst. Phys. Chem. Research Tokyo 36, 82 (1939). 

’ H. L. FriepMAN, J. Amer. Chem. Soc. 74, 5 (1952). 
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The infra-red water bands in TBP 

Of the several water bands in TBP solution, the smallest appears at 1638 cm~. 

rhis presumably is the water bending \ ibration.“ On the whole this peak is invariant 

m~') for the approximately twenty salt solutions investigated. The major peaks 
are found in the region of 3500 cm~!. With low water concentrations, such as one 
finds equilibrating the phosphate with a hydrated nitrate of negligible solubility in the 
BP, there are visible two peaks in this region. The more important peak is a broad 
one centering at about 3480 cm~', and there is a lesser one partially resolved and 
centering at about 3538 cm~!. The symmetric and asymmetric stretching modes” of 
water are located in this region, and presumably are represented by these peaks. If 
the solution is saturated with water, the peak at 3538 cm~ is suggested only as an 
irregularity on the high side of the 3480 cm! peak, and there is a strong suggestion of 
a second broad peak buried on the low-frequency side of the main peak, some 250 
cm! lower in frequency. A possible explanation for this variation is an alteration in 
the amount of multiple hydrogen-bonding as the proportions of water and TBP are 
changed (saturated solution approximates one molecule of water per molecule of 
IBP). It does not seem too likely that hydrogen-bonding to the ester oxygens occurs 
at the higher concentrations. There are some nuclear magnetic resonance data which 
seem consistent with the multiple hydrogen-bonding idea.‘®) 

[he stretching bands vary quite considerably as a function of the other solutes 
present. Both the location of the maxima and the relative intensities are altered. With 
some cations the implied second component of the water-saturated TBP spectrum 
becomes differentiated and as strong as the higher-frequency one, and in some cases 
the relative intensities are reversed, the lower-frequency peak having sufficiently high 
intensity to mask the higher. Table | shows the approximate locations of the maxima 
and the state of relative differentiation of the two peaks. The failure of these spectra 
to resemble those of the low-concentration water in TBP would be consistent with 
differences in multiple hydrogen bonding suggested above. Cadmium nitrate solution 
may have afforded the sole exception, giving a low-water type spectrum. 

In the case of both the violet and green forms of chromic nitrate, water is definitely 
and strongly co-ordinated to the metal ion. In these cases the water peak is very 
intense and spreads very broadly to frequencies of 3000 cm™ and even lower, over- 


lapping with the TBP skeletal vibrations below 3000 cm~!. The ferric chloride solution 


shows a somewhat similar sort of water spectrum. 

As mentioned above, water and metal salt compete for the same co-ordination 
position of the tributyl phosphate in the solution process. Thus, for a given water 
activity, the intensity of the water peaks relative to a reference such as one of the TBP 
skeletal vibrations should decrease as the salt concentration increases. If the salt 
carries a molecule of co-ordinated water into solution with it, for every TBP molecule 
bound, the water peaks should remain constant in intensity (fluctuations in extinction 
with details of hydrogen-bonding alteration are ignored); if more than one water is 
carried in per TBP bound, the water peaks should increase in intensity. Using the 
ratio of the intensity at maximum of the higher-frequency peak to the intensity of the 
invariant CH vibration peak at 2960 cm~ as a measure of water content (see Table 1), 
it is found that solutions of lithium nitrate, magnesium nitrate and nickelous nitrate 


Cc. 4 ss, J. BURNHAM and P. A. LEIGHTON, J. Amer. Chem. Soc. 59, 1134 (1937). 
L. 1. KATZIN and L. Pratr. Unpublished 
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have water concentrations very appreciably greater than TBP saturated with water 
alone. These salts must clearly be multiply hydrated in the phosphate solution. It is 
already known from chemical evidence that lithium nitrate is probably accompanied 
into TBP by two molecules of water,'®) and is co-ordinated to two TBP molecules. In 


the cases of uranyl nitrate and thorium nitrate, it is known that the species in solution 
contain two molecules of TBP, and no water," and the data in Table | agree in 


TABLE 1.—P=-O AND WATER-BAND BEHAVIOUR OF SOLUTIONS IN TRIBUTYL PHOSPHATI 





Water (Stretch bands) 
P—O (cm~') Intensity ratio 


Substance ; 
(cm!) water(a)/CH 


Pure TBP 1282 
H,O 1268 3477 3230 sh. 0-32 
LiNO,:3H,O 1261 3460 sl. sh. 0-435 
Mg(NO;).°6H,O 1257 3386 0-50 
Ca(NO,).°6H,O 1249 3423 3228 sh. 0-267 
CoCl,-6H,O 1268 3472 3224 0-176 
Co(NO,).°6H,O 1246 3425 3213 sh. 0-265 
Ni(NO,).°6H,O 1240 sh. 3378 0-46 
CuCl,-6H,O 1254 3388 sh. 322: (0-18) 
Cu(NO,).°6H,O 1242 3376 sh. ‘4k (0-18) 
Zn(NO;).°6H,O 1234 3423 32 0:24 
Cdl, 1260 
Cd(NO,).°6H,O 1242 3366 

; 1237, . 
FeCl,-6H,O 1196 3403 sh. 

,, 
Fe(NO,),°9H,O a 3414 
viol 1243 
green 1239 
La(NO,)3°6H,O 1220 3451 
Ce( NO,),°6H,O 1213 3419 
(NH,). Ce(NO;),.H,:O 
[Ce(NO,),] 

UO,CI,(H.O) 1207 3478 
UO.(NO;).°6H,O 1191 3462 
ThCl,-XH,O 1200 3360 
Th(NO;),-5H,O 1188 


bro 


Cr(NO,);°6H,O 


1195 3426 





showing a decrease in water peak intensity. With the three exceptions noted above, 
and the chromic nitrate, the salts tested show fewer water molecules co-ordinated in 
the TBP solution than TBP molecules. However, if a correction were made for the 
difference in water activity between the saturated salt solutions and pure water, the 
calcium nitrate and cobaltous nitrate data could perhaps represent species in solution 
containing two water molecules and two TBP molecules. Quantitative conclusions, 
particularly with the lower water intensity ratios, are not possible, because of the 
background TBP absorption in this region which has not been corrected for, because 
of differences in salt concentration in the several cases, and because of the factor of the 
changing water spectrum. 


* T. V. HeALy and P. E. Blown, AERE C/R 1970 (1956). 
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CHARACTERISTICS OF THE SOLVATES OF THE 
RARE-EARTH ACETYLACETONATES* 


G. W. Popet, J. F. STEINBACH and W. F. WAGNER 


Department of Chemistry, University of Kentucky, Lexington, Kentucky 
(Received 25 November 1960; in revised form 10 January 1961) 


Abstract—Chemical analyses, X-ray diffraction patterns, vapour-pressure studies and cryoscopic 
molecular weight determinations of nine rare-earth acetylacetonates prepared by conventional 
methods show that only two hydrates are formed: the monohydrate and the trihydrate. None of the 
conventional methods of preparation and drying yielded the anhydrous rare-earth acetylacetonates. 
Vapour pressure studies showed the formation of a solvate containing two moles of methanol per 
mole of chelate. Values of \H for the decomposition of the methanol disolvate indicate that the bond 
energy between the chelate and methanol is equivalent to strong hydrogen bonding. Solubility and 
cryoscopic molecular weight studies show that the chelates dissolve in benzene to form the monobasic 


compounds which polymerize, especially upon heating. 


The large volume of literature describing the preparation and properties of rare-earth 
acetylacetonates contains numerous cases of incompatible data. The melting points 
listed in Table | are typical of those reported by several investigators. The anhydrous, 
mono-, di-, and tri-hydrated forms of the chelates have been reported."!:?,3,6,8,10,14) 
Both monomers and dimers of the chelates in nonaqueous solvents have been 
reported. 2,8.15.16 


Few quantitative data on the solubilities of the rare-earth acetylacetonates are 


available, but some discrepancies exist even here.:9."!.!”) This paper reports a study of 
the preparation and properties of nine rare-earth acetylacetonates in an effort to 
characterize more precisely the compounds for use in solvent extraction. 


EXPERIMENTAL 
Reagents. Rare-earth oxides, 99-9 per cent purity were obtained from Michigan Chemical 
Company and Lindsay Chemical Company. Acetylacetone obtained commercially was extracted 
once with 10 per cent ammonia, washed twice with water and distilled through a 40 cm column packed 


* From a dissertation submitted by G. W. Pope to the Graduate School of the University of Kentucky 
fulfillment of the requirements for the degree of Doctor of Philosophy and presented in part before 
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with glass helices. The fraction boiling between 138°-139-5° at 740 mm was used. The reagent was 
prepared every 10 15 days or sooner if a yellow colour developed. Benzene for the cryoscopic 
molecular weight determinations was purified by extracting three times with concentrated sulphuric 
acid, washing twice with water, distilling, and fractionally crystallizing three times. Chloroform was 
purified by extracting the commercial grade twice with concentrated sulphuric acid, washing twice 
with water, drying for 4 hr with calcium chloride and distilling. Reagent-grade acetone was purified 


TABLE 1.—MELTING POINTS OF THE RARE EARTH ACETYLACETONATES FROM THE LITERATURE 





Element m.p. (C) Ref. Element m.p. CC) Ref. 


185 (2) 144-145 (5) 

151 (3) 146-147 (2) 

142-143 (4) 143-144 (5) 

Cerium 145 (2) 144-145 (6) 
131-132 (2) Europium 144-145 (5) 

145 (3) Gadolinium 143-145 (10) 

146-147 5 140 (7) 

Praseodymium 146 3 145 (11) 
143-144 5 134-150 (11) 

146 142 (3) 

138-139 5 116 (1) 

144-145 137 (1) 

142-143 183 (1) 

Neodymium 144-146 93-105 (12) 
150-152 |  Dysprosium 134-137 (6) 

144-145 5 Erbium 142-144 (6) 

144-146 Ytterbium 114 (7) 


| 
Lanthanum 135-140 (1) | Samarium 146-147 (3) 


145-148 Yttrium 131 (3) 
150-152 | 131-132 (5) 
144-145 131-133 (11) 
144-146 132-133 (13) 

129-130 (5) 








TABLE 2.—FINAL PH OF SOLUTION IN THE SYNTHESIS 
ACETYLACETONATES 





pH Elements 


6:6 Praseodymium, Neody mium 

6°5 Samarium, Gadolinium 

6°4 Dysprosium, Holmium, Yttrium 
6:3 Erbium 

6:1 Ytterbium 





by distillation. Anhydrous methanol was prepared by refluxing the reagent grade with magnesium 
ribbon followed by distillation. All other reagents met ACS specifications for reagent grade. 

Preparation of chelates. The method of Stites et al.°) was employed. The pH was carefully 
adjusted to a final pH for each chelate as shown in Table 2. 

The trihydrated chelates were obtained when the product was filtered, washed twice with water, 
air-dried for 3-4 hr and dissolved in 95 per cent ethyl alcohol by heating. When solution was com- 
plete several millilitres of acetylacetone were added to prevent hydrolysis and sufficient water was 
added to produce a 60 per cent alcohol solution. The solution was permitted to cool slowly during 
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he crystals were filtered, washed once with 50 per cent ethanol, once with water, air- 

a irs, and stored in tightly capped bottles. 
nonohydrated chelates were prepared by two methods: (1) by dehy drating the trihydrate in a 
ver magnesium perchlorate, and (2) by crystallization from a solution of the trihydrate in 
.0l and air drying for 6-8 hr after filtering. The sample of erbium monobasic acetyl- 


prepared by boil 
I 


ing a solution of the trihydrate in acetone for 30 min. No acetylacetone 
e solution 

vapour-pressures. The apparatus consisted of a sample holder, an open-ended 

a vacuum manifold, and a vacuum pump with a cold trap. The sample tube was 

r-bath maintained at 30 + 0-05°. The sample tube was filled to a depth of | in. 

hed. A 1 g sample of the chelate was added and weighed, and another inch 

added to provide a large surface area for rapid attainment of equilibrium and to 


na W cig 
‘f the solvent. The sample tube was connected to the vacuum to remove the air and 
imple tube was sealed off by means of a stopcock, through which 2-3 ml of the solvent 
> sample dissolved the sample tube was reconnected to the vacuum system to 

The tube was then sealed off and the vapour-pressure of the solvent 
The sample tube was disconnected and weighed to determine the 
nole ratio of the solvent to chelate was plotted against the vapour- 
of removing some of the solvent, measuring the vapour-pressure, and 

tube was repeated until no vapour pressure was developed by the system. 

e curve occurred, indicating the formation of a solvated compound, the 
ter bath was increased in five-degree increments and the vapour-pressure was 
slot of the logarithm of the vapour-pressure versus the reciprocal of the absolute 
change in enthalpy of the system was determined. After subtraction of the heat of 


e solvent from the total enthalpy change, the energy of the solvate bond was ob- 


Beckman Model G pH meter was used for all pH measurements. X-ray powder 
on a Norelco X-ray Diffractometer using Copper K, radiation. 
ures. The metal content of the chelates was determined either by titration with 


lition to the oxide. The titration procedure was a modification of that described by 
weighed amount of the chelate (about 0-1 g) was placed in a 100 ml beaker and 5 ml of 


ric acid was added to destroy the chelate. The solution was evaporated to dryness on 

ind the residue was dissolved in 50 ml of water. Five millilitres of an ammonium ion- 

buffer (pH 9-8) was added in which the rare-earth hydroxide precipitated. A standard 

the precipitate disappeared; four drops of PAN indicator were 

he solution was back-titrated with a standard zinc solution to a pink end-point. 

determination by ignition, the chelate was weighed into a crucible previously ignited to 

weight at 1000°. The sample was moistened with 6 M hydrochloric acid and then sufficient 

im oxalate was added to completely cover the chelate. The crucible was placed in a drying 

ven at 135°C for several hours, transferred to a muffle furnace, and ignited at 900° for 1 hr. Before 

he furnace cooled below 300°, the crucible was removed and placed in a desiccator containing a 

lesiccant and carbon dioxide absorbant. Attempts to convert the chelate to a nitrate before ignition 

to the oxide gave poor reproducibility because the decomposition of the nitrate is violently exothermic 
and produces a voluminous, porous oxide that spatters out of the crucible. 

Carbon, hydrogen, and nitrogen analyses of the chelates were performed in the laboratories of 

Weiler and Strauss, Oxford, England. 


RESULTS AND DISCUSSION 


4 


Analyses of several rare earth acetylacetonates are shown in Table 3. The rare 
earth acetylacetonates crystallize from 60 per cent ethyl alcohol as the trihydrate which 
may be readily air-dried. It was a common practice for earlier investigators to dry the 
chelates in a vacuum desiccator. The acetylacetonates of the elements heavier than 
gadolinium invariably hydrolysed to a partially basic compound when a vacuum was 


18) K. L. CHENG, Chem. Anal. 47, 93 (1958). 
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employed in this study. Reports in the literature claiming that the anhydrous chelate 
was obtained possibly arose from this cause; when the monohydrate is approximately 
10 per cent hydrolysed the metal content is the same as that theoretically present in the 
anhydrous compound. 

After air-drying, the trihydrate may be converted to the mono-hydrate by drying 
over magnesium perchlorate; however, even this treatment causes the ytterbium 
acetylacetonate to hydrolyse partially. Consequently, the ytterbium chelate was dried 


TABLE 3.—ANALYSES OF RARE EARTH ACETYLACETONATES 





Carbon (°%) Hydrogen (%) Metal oxide (°%) 


Compound 
Theor. Found Theor. Found Theor. Found 


5-47 34-6 34-9 
5-61 34 
5-64 34:°8 35 


Ww 


Pr(C;H-;O.)3°3H.O 36-6 36: 
Nd(C;H;O,)3°3H,O 36°4 36: 
Sm(C;H,;O,)3°3H,O 35-9 3 
Sm(C;H,O,)3°3H,O 35-9 36: 
Gd(C;H-;O,)3°3H,O 35-4 36: 
Dy(C;H-;O3)3"3H,O 
Dy(C;H;O,)3-3H,O 

Ho(C;H-;O,);°3H,O 

Er(C;H-;O,.)3°3H.O 

Er(C;H-,O,)3°3H,O 

Yb(C;H-O,)3°3H.O 

Yb(C;H-O,)3,°3H,O 

Y(C;H-O,)3°3H,O 

Y(C;H-O.)3°3H,O 

Gd(C,H-O,),-H,O 

Dy(C;H;O,)3°-H,O 

Ho(C;H-O,);-H.O 

Ho(C;H;O,)3°N.O 

Er(C;H-,O,)3-H,O 

Yb(C;H-;O,);°H,O 

Y(C;H-;O,);°H,O 

Y(C;H-O,)3°H,O 

Y(C;H-O.)3°H,O 
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over calcium chloride in a desiccator containing an open vial of acetylacetone to help 
repress hydrolysis. A study of the dehydration of the trihydrates was made by drying 


and weighing samples in a desiccator for several days and comparing the weights with 


samples dried in air during the same period. For each of the nine rare earth chelates 
studied, it was found that two moles of water were lost from each mole of chelate by 
drying in the desiccator. Any chelate that failed to give this loss in weight invariably 
analysed as partially basic in subsequent work. 

In a vacuum desiccator, the monohydrates are converted partially to the monobasic 
form, which gives supporting evidence that the anhydrous compound is not obtained 
by simple drying procedures. When the trihydrated and monohydrated chelates were 
dried in an oven at 80-95”, most of the samples turned to a clear, glassy or plastic 
material. X-ray patterns revealed a low order of crystallinity; the metal-oxide content 
indicated the loss of acetylacetone; and molecular weights were high, showing that 
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polymerization had occurred. Samples dried at 105—110° for several days gave evidence 
of considerable decomposition. 

None of the conventional methods of preparation and drying yielded the anhydrous 
rare earth acetylacetonates. The sample of basic erbium acetylacetonate, prepared by 
crystallization from boiling acetone: (Found: C, 31-5; H, 4:12, Er,O3, 49-8. Calc. 
for Er(C;H,O,),0H: C, 31-4; H, 3-93; Er,QO 3, 50-0%). Crystallization from acetone 
in the presence of excess acetylacetone yielded the monohydrate. 

Many solvents for the recrystallization of the acetylacetonates have been employed, 
ethyl alcohol and benzene being the most common. Crystals obtained from 95 per 


TABLE 4.—MELTING POINTS OF THE RARE EARTH ACETYLACETONATES 





Average Range Number of samples 
(°C) (C) examined 
Praseodymium 139 135-141 15 
Neodymium 140 137-142 
Samarium 138 136-142 
Gadolinium 139 135-143 
Dysprosium 136 131-138 
Holmium 33 128-136 
Erbium 129 125-132 
Ytterbium 125 122-129 
Yttrium 130 128-134 


173 


Erbium-monobasic 





cent ethyl alcohol effloresced rapidly when exposed to air to give the monohydrate. 
Crystals from anhydrous methanol likewise effloresced rapidly when removed from 
the solvent. The solvates formed with these alcohols have a relatively high vapour- 
pressure. Recrystallization from benzene produced the monohydrate when pre- 
cautions were taken to prevent hydrolysis. Chelates recrystallized from cyclohexane 
and dioxane were of variable composition. 

Melting points of the nine rare earth chelates which were obtained using an electri- 
cally heated Thiele tube apparatus are shown in Table 4. When a melting-point block 
was used, most of the samples decomposed at about 200° but a few gave sharp melting 
points in the neighborhood of 100°. The effect of hydration on the melting points of 
the acetylacetonates of neodymium, samarium, dysprosium, yttrium and ytterbium 
was studied by taking the melting points of the compounds immediately after crystal- 
lization from 60 per cent ethyl alcohol, after air drying for 6-12 hr, and finally after 
drying for 3-5 days over magnesium perchlorate. There was no significant change in 
the melting point after drying. Apparently in the open capillary tube the adventitious 
water and two moles of water of hydration are readily removed to give the melting 
point of the monohydrate. It appears that the melting point of the monohydrated 
rare-earth acetylacetonates decrease gradually with increasing atomic number, 
although the melting points cannot be used as a satisfactory criterion of purity owing 
to the large range of values from the average, undoubtedly caused by partial hydrolysis 
and decomposition of the samples while being heated. 

X-ray powder diffraction patterns of the rare-earth chelates yielded distinctive 
patterns for the trihydrated, monohydrated, and monobasic forms. X-ray data for 
the compounds will be submitted to the A.S.T.M. X-ray Powder Data File. Studies 
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are being continued in an effort to determine the structure of the crystalline chelates. 
The value of the most intense d-spacing of the hydrated chelates decreased by approxi- 
mately 0-3 A in going from praseodymium to erbium. The monohydrate of ytterbium 
acetylacetonate which is more sensitive to hydrolysis appears to have a different 
crystalline structure than the other rare earths. 

STEINBACH and Burns"? have reported, from vapour pressure studies, the formation 
of chloroform-solvated acetylacetonates of iron (II]), chromium (II]) and aluminium. 
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Fic. 1.—Vapour pressure—composition diagram of hydrates. 


The high solubility of the rare-earth acetylacetonates in chloroform might indicate the 
possibility of similar solvates for the rare-earth chelates. However, vapour-pressure 
measurements of the rare-earth acetylacetonates using chloroform as the solvent gave 
no indication of the formation of a solvate. 

The vapour-pressure—composition diagrams at 30° for five rare-earth acetylaceton- 
ates using water as the solvent are shown in Fig. 1. The curves show that the first 
addition compound occurs when the water present is equivalent to the trihydrated 
form. At approximately a one : one ratio of water to chelate, the vapour pressure 
drops to zero within the limits of the apparatus (--1 mm). The vapour pressure of the 
trihydrate increases with the atomic number of the rare earth. Since the trihydrated 
forms, as well as the monohydrates belong to isomorphous series, it appears that the 
hydrates of the lower atomic-numbered rare earths are more stable. The larger 
diameters of the lighter lanthanides probably enable them to accommodate more easily 
the additional water molecules. 


(9) J. F, STEINBACH and J. H. Burns, J. Amer. Chem. Soc. 80, 1839 (1958) 
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Vapour pressure studies using methanol for a solvent were hampered somewhat by 
hydrolysis during the experimental runs. The curve shown in Fig. 2 was obtained using 
a large crystal of erbium acetylacetonate obtained from anhydrous methanol to which 
a small amount of 2,2-dimethoxypropane had been added as a water-scavenger. 
Apparently a disolvate is formed with methanol. This was further substantiated by 
treating a sample of mono-hydrated erbium acetylacetonate with methanol to obtain a 


sample giving a distinctive X-ray pattern. A plot of the vapour-pressure as a function 





nposition diagram of methyl alcohol-solvated erbium 


acetylacetonate 


the methanol-solvated erbium and dysprosium acetylacetonates is 
From the slope of the lines and the van’t Hoff equation the values of 
ilculated for the reaction: 


Ln(C,H-O,),°H,O-2CH,OH —> Ln(C;H,O,),-H,O + 2CH,OH 


alue for \H was 30-6 kcal/mole. If the average value of the heat of vaporization 
‘methanol is subtracted trom this value, the bond energy between each 


anol and chelate is equivalent to about 6°6 kcal/mole. This might indicate the 
£ 


tence of relatively strong hydrogen bonding or dipole-dipole interaction. 

With acetylacetone as the solvent there was a slight indication of the formation of a 
disolvate with ytterbium acetylacetonate. This was supported in part by the prepara- 
tion of a sample of ytterbium acetylacetonate by slow evaporation from methanol, 
which gave an analysis corresponding approximately to two moles of acetylacetone to 
one mole of chelate. (Found: C, 42:7; H, 5:5; Yb,O,, 28-7. Calc. for 
Y b(C;H-O,),°2C;H,O."H,0O; C, 43-6; H, 5:67; Yb,O,, 27-6%). 

A study”) of the solubility of rare-earth acetylacetonates in non-aqueous solvents 

that the hydrated forms apparently hydrolyze upon dissolving in benzene. 
\ benzene solution of erbium acetylacetonate was extracted with water which was 
found to contain free acetylacetone, and the residue obtained by evaporating the 
benzene solution without heat yielded the monobasic chelate. When benzene solutions 
of monohydrated and trihydrated rare-earth acetylacetonates were distilled partially, 


G. W. Pope. Dissertation, University of Kentucky (1960). 
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acetylacetone was obtained in the distillate. The basic chelate was obtained from the 
undistilled portion, and the addition of acetylacetone to this solution precipitated the 
monohydrate. Solution of anhydrous aluminum and ferric acetylacetonates in benzene 
gave no acetylacetone in the distillate when boiled. 

The molecular weights of several of the rare-earth chelates were determined by the 
cryoscopic method using benzene as the solvent. Benzene as a cryoscopic solvent is 


2:3--——____—— - ——_—___—_— _—__— —, 


pressure 


vapour 
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Fic. 3.—Vapour-pressure as a function of temperature. 


very sensitive to water; consequently, it was necessary to purify the solvent carefully 
and the cryoscopic constant of each sample was determined immediately before use. 
Results shown in Table 5 indicate that the molecular weights depend not only on the 
particular forms of the chelate but also on the prior treatment of the solution before 
the determination. In general: 

1. amonohydrated chelate dissolved in benzene by boiling gave a molecular weight 

in the region between 400 —500. 

a trihydrated chelate dissolved in benzene by boiling gave a molecular weight of 
500-700. 

a monohydrated chelate dissolved in benzene without the aid of heat gave a 
molecular weight of 300-400. 

basic compounds gave high molecular weights indicating polymerization. 
Because the values varied so much, samples of pure monohydrated and tri- 
hydrated samarium acetylacetonate were dissolved in benzene with and without 
boiling. The molecular weights determined for these solutions are shown in 
Table 6. 

When both of the hydrates are dissolved without heating low apparent molecular 
weights are obtained. The monohydrate hydrolyses upon dissolving to release acetyl- 
acetone to give the lower freezing points and the trihydrate releases both water of 
hydration and acetylacetone from the hydrolysis to give an even lower apparent 
molecular weight. In both cases polymerization of the basic chelate probably occurs at 
least to some extent. When solutions of the chelate are boiled, the acetylacetone and 
water released are distilled from the solution and the basic chelates are further 
polymerized to yield high apparent molecular weights. The trihydrate polymerizes 
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TABLE 5.—CRYOSCOPIC MOLECULAR WEIGHTS OF THE CHELATES 





Treatment Weight of Weight of | Molecular Theoretical 
Solvent of the chelate solvent weight mol. weight 
solution (g) (g) found monohydrate 


None 0-069 19-34 406 456 
None 0-084 19-95 203 456 
Boiled 0-074 13-38 629 456 
Boiled 0-084 19-15 S08 456 
Boiled 0-077 12-82 5 456 
Boiled 0-084 16°16 83 460 
Boiled 0-099 14-13 é 466 
Boiled 0-063 17-30 
Boiled 0-063 18-41 
Boiled 0-093 17-43 
Boiled 0-281 19-34 
Boiled 0-502 19-09 
Boiled 0-227 18-63 
Boiled 0-104 13-99 
None 0-074 18-42 
None 0-109 19-24 
Boiled 0-107 13-55 
Boiled 0-108 11-42 
None 0-164 19-14 
Boiled 0-106 16°89 
0-158 17-82 
Boiled 0-151 18-24 
None Various concentrations 
None 0-139 16-02 
None 0-156 19-36 


os 


4. 
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www ww 


,] 


AA A MAA AAA ARMAA AAA A 


None 0-071 15-28 2950 
None 0-106 19-29 760 
? 0-100 24:52 423 

? 0-183 24-52 429 

? 0-104 26°14 457 

; 0-058 20-99 434 
0-137 20-99 439 

0-125 28-96 451 

0-100 23-41 421 

? ? 820 

? ? 868 

? ? 831 





TABLE 6.—MOLECULAR WEIGHT STUDY OF SAMARIUM CHELATES 





Weight of Weight of 


Treatment chelate solvent 


Apparent 


of solution mol wt 


(g) (g) 
Monohydrate ye} Not heated 0-1045 19-33 311 
Monohydrate eh le Boiled 3 min 0-0946 19-63 474 
Trihydrate et le Not heated 0-0913 18-74 198 
Trihydrate "eh Boiled 3 min 0-1036 16°18 576 





Theoretical molecular weight of Sm(C,;H;O,)3;-H,O = 466 
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more rapidly than the monohydrate in boiling benzene. All the crystalline basic 
chelates appear to be polymerized, as high apparent molecular weights were obtained 


in benzene solution with or without boiling. 

Supporting evidence for the octahedral structure of rare earth acetylacetonates has 
been obtained by the partial resolution of yttrium and gadolinium acetylacetonates by 
MOELLER et a/.", If the three molecules of water of crystallization are held sym- 
metrically to the rare earth acetylacetonate, one might expect the chelate to lose all 
three solvate molecules readily to form the anhydrous compound. However, upon the 
removal of two molecules of water the remaining water molecule is held tightly, 
possibly by a distortion of the octahedral structure. When the monohydrate is heated 
or dissolved in benzene, hydrolysis occurs with the liberation of acetylacetone, pro- 
bably accompanied by olation of the chelate to form the polymerized acetylacetonates. 
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Abstract y using 7°*Pu and Np the solvent extraction of plutonium (VI) and neptunium (V) 
1itric acid into mixtures of 1,1,1-trifluoro-3-2’-thenoylacetone (TTA) and tri-n-buty] phosphate 


(TBP) in lohexane has been studied. The extraction coefficient is found to be greater for such 


xtures than for either component alone 
rhe formula of the species extracted from plutonyl nitrate has been shown to be PuO,X,, TBP 
here HX TTA) he species extracted from neptunyl nitrate appears to be HNpO,X,, TBP. 


ome equilibrium constants are reported 


IN a previous paper" (Part I of this series) it was shown that certain mixtures of 
|,1,1-trifluoro-3-2'-thenoylacetone (TTA; HX) with tributyl phosphate (TBP) or 
tri-7-butyl phosphine oxide (TBPO) dissolved in cyc/ohexane were more effective in 
extracting uranium (VI) from nitric acid than either component alone. This synergic 
enhancement of the distribution coefficient appeared to be a consequence of the 
replacement of water in the extractable complex UO,X,, H,O by a molecule of the 
formally neutral ligand TBP (or TBPO) whereby a more hydrophobic and hepta- 
co-ordinated complex UO,X,, TBP (or UO,X,, TBPO) is formed. At higher concentra- 
tions of TBPO the species extracted was shown to contain three molecules of ligand 
for each molecule of the uranyl-TTA complex: later work and infra-red measure- 
ments have indicated the addition of a molecule of water as well. If the two molecules 
of TTA are present only as monodentate ligands the complex UO,X,. 3TBPO, H,O 
would then be octa-co-ordinate. 

On the assumption that the synergic effect with uranium (VI) depends primarily on 
a mechanism whereby water attached to a formally neutral chelated complex MX,, is 
replaced to some extent by a less hydrophilic group S, the process could be expressed 


in general terms by the equation 
MX,,, (N — 2n)H,0O + xS = MX,(N — 2n — x)H,O, xS + xH,O 


where AN is the maximum co-ordination number for the n-valent cation M, and X is a 
bidentate ligand. So long as nm < N/2 there would appear to be a possibility of a 
synergic effect, the maximum number of neutral groups that could be attached being 
(N — 2n). If, however, n = N/2 no synergic enhancement of extraction would be 
predicted by the above mechanism. It might still occur in some other way, e.g. by 
partial or complete displacement of one of the chelating groups or by dimerisation. 

In the actinide or lanthanide series, where the value of N is probably eight, synergic 
effects could be predicted with tri-, penta- and hexavalent ions of the actinides and for 

H. IrvinGc and D. N. EpGinoton, J. Inorg. Nucl. Chem. 15, 158 (1960). 

H. IrvinG and D. N. EpGINGToN, to be published later as part of this series of papers. 
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trivalent ions of the lanthanides. It would not be expected for tetravalent ions since 
n N/2 is such cases. These predictions are examined in the present series of papers. 
Experiments with Pu(VI) and Np(V) are reported in the present paper. Results of 
measurements with Th(IV), Np(IV), and Pu(IV) will be reported in Part III, and those 
for Pu(IIl), Am(IID), and Eu(IID) in Part IV. 


EXPERIMENTAL 


Pure samples of TTA and TBP were obtained as described previously.’ A stock solution 
(5 mg/ml) of ***Pu(VI) was prepared daily by oxidizing a solution of Pu(IV) in dilute nitric acid with 
solid silver peroxide. For each partition experiment 10 1 were used in a total volume of 2 ml so 
that the concentration of plutonyl ion was 10-*M. The aqueous phase (10-? M nitric acid) was 
also made 10°*M with respect to potassium permanganate, which served as a holding oxidant. 
A stock solution (0-5 mg/ml) of ***Np(V) in 0:5 N nitric acid was obtained from AERE Harwell. 
50 «1 were used in each experiment so that [NpO,*] 5 10-° M. 

The procedures for obtaining distribution coefficients, g, and for the necessary radiometric 


measurements, were the same as those detailed in Part I of this series.“ 


RESULTS AND DISCUSSION 


The solvent extraction of plutonium (VI) by TBP has been studied by McKay." 
Extraction by TTA has been studied by CUNNINGHAME and MILes® and by HEIsIG and 
Hicks.’ Complexes analogous to those formed by uranium (VI) have been reported 
viz. PuO,(NOs)., 2TBP and PuO,X,. The water content of the TTA complex has not 
been determined but it would be surprising if it did not resemble the analogous com- 
plex of uranium in containing one molecule of co-ordinated water.” 

Results for the solvent extraction of plutonium (VI) from 0-01 N nitric acid by 
mixtures of TTA and TBP in cyc/ohexane are shown in Figs. | and 2. The plutonium 
was freshly oxidized to the hexavalent state before each set of experiments and potas- 
sium permanganate was added to the aqueous phases as a holding oxidant. Fig. | 
shows the variation in the distribution coefficient, g, with increase in the concentration 
of TBP, that of the TTA being held constant at 20, 10, 5, and 2 mM respectively. 
Fig. 2 shows the variation in distribution coefficient with the concentration of TTA, 
that of the TBP being held constant at 2, 0-5, 0-2, 0-1 and 0-05 mM respectively. The 
integral slopes of the lines (one in Fig. 1 and two in Fig. 2) establish the composition 
of the extracted species as PuO,X,, TBP in complete accord with the previous measure- 
ments with uranium.” 

For the reaction 


PuO3*,. + 2HXi) = PuO,Xo@) + 2H, (1) 


aq) 
a (mixed) equilibrium constant may be defined by 


[PuO,X.]o[H*},.) [H* Kaa) 


g ———_ 


[PuO,?*,n[HX}  ” [HX 





where the subscripts (aq) and (0) designate the aqueous and organic phases respectively. 
For the extraction of plutonium (VI) from 0-01 N nitric acid into 0:02 M TTA in 
cyclohexane gq = 0-118, whence fy) = 2:9 x 10°*. Hetsic and Hicks report 


Byq = 1-5 » 10-* for measurements under rather different conditions. 

*») H. Irvinc and D. N. EpGincton. J. Inorg. Nucl. Chem. To be published. 

4) kK. Atcock, G. F. Best, E. Hesrorp, and H. A. C. McKay, J. Jnorg. Nucl. Chem. 6, 328 (1958). 
) J. G. CUNNINGHAME and G. L. MI es, J. Inorg. Nucl. Chem. 3, 54 (1956). 

6) D. L. Hetsic and T. E. Hicks, U.S.A.E.C. Report UCRL-1664 (1952). 
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For the reaction involving the formation of the synergetically extracted complex, 


VIZ 
PuO2+., + 2HX) + TBP.) = PuO,X,, TBP», + 2H¢, (2) 


we define an equilibrium constant 


[PuO.X,, TBP]... [H*12,,. [H*}2,, 
[PuO,?*],,,,[HXley[TBP]o) ” [HX] [TBP]io 





The experimental results lead to 6,, = 1-3 = 10%. This result can be combined with 











| l 
-4 3 -2 
log [TBP] 
The variation in the distribution coefficient of plutonium (VI) when increasing con- 


s of TBP are added to a fixed concentration of TTA. Curve 1. 0-02; Curve 2. 0-01; 
Curve 3. 0-005; Curve 4. 0-002 M TBP. 





ration 


the value of fy, to give the equilibrium constant K,, for the homogeneous reaction 


leading to the formation of the synergetically extracted adduct, viz. 


PuO,X.,9) + TBP) = PuO,X,, TBP, 


for which 
[PuO, Xs, TBP} io) Boy 


- 4-7 104. 
[PuO,X.] (9) [TBP ](o) Poo 





[he equilibrium constants now found for plutonium (VI) are compared with 
those for uranium (VI) in Table 1. 

That /, is greater for plutonium than for uranium does not necessarily imply that 
its complex with TTA is more stable, because the values of such mixed equilibrium 
constants involve the magnitude of the partition coefficients of the extractable species. 
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J | 

“3 = =| 
log [TTA] 

Fic. 2.—The variation in the distribution coefficient of plutonium (VI) when increasing con- 


centrations of TTA are added to a fixed concentration of TBP. Curve 1. 2 10-*; Curve 2. 
2 10-4; Curve 4. 1 10-4; Curve 5. 5 10°-°> M TBP. 





5 10-4; Curve 3 


TABLE 1.—STABILITY CONSTANTS FOR ANALOGOUS REACTIONS WITH HEXAVALENT URANIUM 


AND PLUTONIUM 





3-88 
he 


Uranium 
Plutonium 





However, if we introduce partition coefficients and stability constants for the com- 
plexes MX, explicitly through the definitions ppy, = [MXg]io)/[MXo]i.,), aNd Bary 
[MX] aqo/[M rag) EX Nags (Charges being omitted in the interests of generality) it is easy 


to show that 


) ) 
PipwP2(Pw P2,0(Pu) 19 


Pa Pot ) Poort ) 

Now it is difficult to obtain reliable values of p,y) for metal chelates and few data 
have been reported. The results of Rydberg’s measurements” of solvent extraction by 
acetylacetone are summarised in Table 2. 

It is clear from these and from similar studies“) that there is no very obvious corre- 
lation between values of py) and the ionic radius of the metal M. One would not 
a priori expect large differences in values of p for closely analogous compounds. This 


‘) J. RyDBERG, Svensk. kem. Tidskr. 67, 11 (1955). 
‘8) L. B. MAGNUSSON and M. L. ANDERSON, J. Amer. Chem. Soc. 76, 6207 (1954). 
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is born out by the values log p = 2-45 and 2-57 reported by DyRrsseNn for the well- 
shielded tris-oxinate complexes of Sm** and La**, where the total size of the large 
chelated molecules and the geometry they present to the two solvents must be almost 
identical. The absence of hydrophilic groups at the peripheries will also promote the 
high and closely similar values of p. With bis-chelates derived from divalent’yl ions the 
position is less clear because of the differing capacity of the axial oxygen atoms to 
promote solvation. It seems reasonable to suppose that where analogous chelate 


complexes of ions of very similar radius and electronic configuration are concerned, 


TABLE 2 VALUES OF PARTITION COEFFICIENTS FOR SOLVENT EXTRACTION BY ACETYLACETONE'”? 





Log p (solvent/water) 
lonic radius 
Benzene Chloroform Hexone 


0-99 SO 
0:93 62 
Pu 0-90 5 





corresponding values of p are unlikely to be very different. If then it is assumed that 
Pipu) & Pry), it follows that the stability of the bis-chelate of TTA with plutonium is 
greater than that of uranium, a result not unexpected in view of its smaller ionic radius. 
Changes in mixed equilibrium constants may well be dominated by changes in the 
stability of the complexes formed:'® with changes in partition coefficients playing 
only a secondary role. 

rhe equilibrium constant for the homogeneous reaction 

UO,X,, HOw PuO,X,, TBP ,o) PuO,X,, HOw UO, Xs, TBP.) 

which takes place in the organic phase is given by Kg y;y)/Ko py 126, thus showing 
that TBP has a greater tendency to displace water co-ordinated to the more stable 
plutonyl chelate. If the presence of a molecule of water is disregarded (as in equation 
3) it could be said that the formation constant of the adduct of TBP with the uranyl- 
ITA complex was greater than that with the plutonyl analogue. In any event it is not 
difficult to see why, provided the partition coefficients of the two adducts are of 
comparable magnitude, the synergic effect for plutonium is less than for uranium. If 
the plutonyl-TTA complex were significantly more compact than the uranyl analogue, 
steric factors also would be more unfavourable to the attachment of the bulky tri- 
butyl phosphate group to the former. 

Studies of pentavalent actinides had to be limited to the behaviour of neptunium(V). 
Although plutonium (V) can be prepared by mixing Pu(III) and Pu(V1I) in the correct 
proportions and removing Pu(lV) which is also formed (by solvent extraction), the 
pentavalent ion readily disproportionates.“” Americium (V) is easy to prepare but 
is readily reduced in consequence of its own «-radiation. ° 

Che solvent extraction of neptunium (V) should be particularly interesting in that, 
despite its high valency, it reacts as a monovalent ion, NpO,*. In general, monovalent 


ions do not form complexes with chelating agents,“* although complexes of silver 


D. DyRSSEN and DAHLBERG, Acta Chem. Scand. 7, 1186 (1953). 

H. IRVIN nd R. J. P. Wittiams, Nature, Lond. 162, 746 (1948); Analyst 77, 813, (1952). 
I ARKIN and H. A. C. McKay, J. Jnorg. Nucl. Chem. 7, 299 (1958). 

Y LATOV and Y R. Novikov, ZA. Neorg. Khim. 4, 1693 (1959). 
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with «-alanine,“*) cuprous ion with cysteine,“ and lithium and sodium with ethylene- 
diaminetetraacetic acid and uramil-N,N-diacetic acid“®!® are known. 

The only published information on the solvent extraction of neptunium after 
complexing with TTA relates to the tetravalent state.“”) but it included the prediction 
that neptunium (V) would not be expected to be readily extractable. Preliminary 
measurements for the extraction of Np(V) from 0-02 N nitric acid by solutions of TTA 
in cyclohexane gave the following results: 

[TTA] 0-02 0-01 0-005 


q 0-237 0-045 0-014 











J 
-4 -3 a: 
log (TBP 


Fic. 3.—The variation in the distribution coefficient of neptunium (V) when increasing con- 
centrations of TBP are added to a fixed concentration of TTA. Curve 1. 0:02: Curve 2. 0-01: 
Curve 3. 0°005; Curve 4. 0:002 M TTA. 





From the plot of log g against log TTA (not reproduced) it appears that each ion of 
NpO,°* is associated with two molecules of TTA. There is some evidence that g 
|/[H*], suggesting that the extractable species is to be formulated as NpO,X, HX or as 
H*(NpO,X,)-. The effect of adding small amounts of TBP to the organic phase was 


to produce a synergic enhancement of the extraction. The lines shown in Fig. 3 are of 
unit slope. The fit is poor for the higher concentrations of TBP but the extent of the 
separation of the linear portions of the curves for different concentrations of TTA is 
consistent with a dependence of g upon [TTAF’, i.e. with the extraction of a species 
containing two molecules of TTA per neptunyl ion. In further experiments in which 


3) C, B. MONK, Trans. Faraday Soc. 47, 292, 297 (1951). 

(44) W. Srricks and I. M. Koitnuorr, J. Amer. Chem. Soc. 73, 1723 (1951). 

15) G, SCHWARZENBACH and H. ACKERMANN, Helv. Chim. Acta 30, 1798 (1947). 

16) G, SCHWARZENBACH, E. KAMPITSCH and R. Steiner, Helv. Chim. Acta 29, 364 (1946). 
7) J, J. Katz and G. T. SeasorG, The Actinide Elements, p. 209. Methuen, London (1957). 
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nitric acid in the aqueous phase was replaced by sodium acetate-hydrochloric acid 
buffers, extraction by mixtures of 0-02 M TTA with 0-01 M TBP in cyc/ohexane gave 
the following results (for a total initial activity of approximately 2000 counts/min): 


pH of aqueous phase 0-9] 1-21 1-7] 
Counts/min, organic phase 37 61 163 


Accurate values of g could not be obtained owing to the large absorption losses in 


counting samples of the aqueous phase containing dissolved salts, but the dependence 
of log g upon 1/[H~] was confirmed: it would appear that an adduct HNpO,X,, TBP 
(or NpO,X, HX, TBP) is extracted. On this assumption the equilibrium constant, /, 9 


the reaction 


NpO,*(aq) + 2HXi) = HNpO,X Hz. 


alculated as 90) g\H | . [HX]-, ~ 10. 
For the reaction 
NpO, (aq) 2HXi, TBP, HNpO,Xg, TBP.) H, = 


the value of P., = g[H*}iaq)/[HX})[TBP]io) = 2 10°, and for the reaction 


HNpO,. Xai 


TBP HNpO,X,, TBP») (7) 


(0) 


Ks , ys 1/Po9 ~~ 2 » 10*, a value about 2-5 times smaller than that calculated for 
Pu(VI1). The values of /,, and /,, are both much higher for Np(V) than for Pu(VI) or 
U(V1), but owing to experimental difficulties in obtaining consistent and reproducible 
data with the neptunium system we do not attach great weight to the actual numerical 
values. 

Differences in the extractability of uranium (V1) and plutonium (V1) caused by the 
synergic effect may be of value in analytical separations. For the solvent extraction of 
these ions by TTA alone the separation factor under certain conditions ({TTA] 
0-02 M and 10° M nitric acid) is only 1-8 in favour of the plutonium. Under com- 
parable conditions with the addition of TBP to a concentration of only 10~* M the 
separation factor is increased to 3-3, but now the uranium is preferentially extracted. 
If smaller concentrations of TTA are used (e.g. 0-002 M TTA, 10-4 M TBP, 0-02 M 
nitric acid) the separation factor is at least six. 
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Abstract—By using **°Th, ***Np, and ***Pu as tracers, the solvent extraction of the tetravalent 
actinides from nitric acid into mixtures of 1,1,1-trifluoro-3-2’-thenoylacetone (TTA) with tri-n-butyl 
phosphate (TBP) or tri-n-butylphosphine oxide (TBPO) in cyclohexane has been studied. The extrac- 
tion coefficients have been found to be larger for certain mixtures than for either component alone 

With thorium and TTA, the addition of TBP effects the displacement of some of the chelated 
molecules and a mixture of ThX,, ThX,(NO,)-TBP, and ThX.(NO,).-2TBP (where HX ITA) is 
co-extracted. Unlike the systems hitherto studied the anion of the mineral acid in the aqueous phase 
now participates in the composition of the extractable species. With mixtures of TTA and TBPO the 
displacement of the chelated TTA is even greater and the extractable species ThX(NO3),-TBPO must 
be involved 

With mixtures of TTA and TBP the extraction of Pu(I1V) and Np(IV) appears to involve only the 
species MX, and MX;(NO;)-TBP (M Np or Pu). With mixtures of TTA and TBPO, however, the 
species extracted are MX,(NO3;).°2TBPO with MX;(NO;)-TBPO and MX, 

A number of equilibrium constants have been calculated and their significance is discussed. 
Synergic effects among the tetravalent actinides appear to depend upon their ability to achieve a 
co-ordination number of eight 
IN continuation of studies of the solvent extraction of actinides"-*) we now report on 
the behaviour of several tetravalent ions for which, since the neutral chelate complexes 
MX, with the bidentate ligand HX are coordinatively saturated, no synergic enhance- 
ment of the distribution coefficient would be predictable on the basis of the simple 
theory advanced in Part I." 

So long as the acidity of the aqueous phase is high enough to prevent hydrolysis 
and the anion of the acid used does not form complexes with the tetravalent ion M**, 


extraction should follow the equation 


Mé.0) + 4HXi9) = MXquo) + 4H, (1) 


governed by the (mixed) equilibrium constant defined by 


[MX y]o[H Via) 





[M4+] aq fHXIo) 


(aq) 


Complexes of the type MX,_,Y, (H,O), (where ¥ OH or some other anion) 
are known to be extractable though not, in general, as readily as the species MX,. 
The extraction of thorium has been studied by DAy and STOUGHTON,’ GOLDSTEIN 


H: IrvinG and D. N. Epaincton, J. Jnorg. Nucl. Chem. 15, 158 (1960). 
2) H. Irvinc and D. N. Epainoton, J. Jnorg. Nucl. Chem. (1961). 
3) R. A. Day and R. W. STOUGHTON, J. Amer. Chem. Soc. 72, 5662 (1950). 
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and MANNING," and WAGGENER and STOUGHTON.” The extraction of neptunium 
has been investigated by SULLIVAN and HINDMAN and by Moore;"? that of plutonium 
by Heisic and Hicks,'8) CUNNINGHAME and MILes,‘®) and Moore.” 

rhe following mixed equilibrium constants have been reported:"’ values of (49 
are also included for zirconium and hafnium for comparison. 


MIXED EQUILIBRIUM CONSTANTS FOR THE FORMATION OF TTA TETRAKIS-CHELATES OF 
TETRAVALENT IONS 





Ionic radius 


(A) 


Medium 


0-99 47 HClO, 

0-93 5 =< 10 0-5 N HCl 

0-92 10° 1-0 N HNO, 
10° 0-5 NHNG, 
10° 2 N HClO, 
107 2 N HCIO, 





[he tetravalent actinides are also extracted from nitric acid solution by tributy] 
phosphate (TBP). ALcock ef al., have shown that the formula of the extracted 


} 


species is M'‘(NO,),, 2TBP in each case.” 


EXPERIMENTAL 


'TA, TBP and TBPO were purified as described previously.'") A stock solution of thorium (2-7 
y 12 Th) in 20 ml of 0-1 N nitric acid was used. 50 ul were used for each equili- 

total volume of 2 ml of 0-1 N nitric acid so that the final concentration was 1-5 10 *M 
ide available by A.E.R.E. Harwell in the form of a solution of Np(IV) in strong 

ining ammonium iodide to stabilize this valency state. The stock solution 

ting this to 5 ml. Twenty-five micro litres were diluted to 2 ml with 1-0 N nitric 

on experiment so that the final concentration used was 10-* M. Each aqueous 


ncluded ferrous sulphamate (10°-* M) as a holding reductant. The purity of the stock solution 


checked spectrophotometrically before and after the partition experiments: the position and 
tensity of the absorption bands were in good agreement with published values.‘'* 

A stock solution of plutonium (IV) was prepared by dissolving 20 mg of the metal in concentrated 
tric acid (green solution), diluting to 3 ml with 1-0 N nitric acid, and reducing to Pu(III) with 
droxylamine hydrochloride. The resulting blue solution was then treated dropwise with 2M 

trite until the brown colour characteristic of Pu(IV) in dilute nitric acid was obtained. This 
State is reputedly unstable under these conditions: the purity of the stock solution was 
14 


re checked spectrophotometrically at intervals over a fortnight, but no evidence’ was found 


forn tior 


1 of Pu(IIl) or Pu(VI). Equilibrations were carried out on aliquot portions of the 
1 after being diluted to 2 ml with 1-0 N nitric acid: the concentration of Pu(IV) was 


L. MANNING, U.S.A.E.C. Report TID-4500, p. 22 (1958). 
id R. W. STOUGHTON, J. Phys. Chem. 56, 1 (1952). 
I C. HINDMAN, J. Amer. Chem. Soc., 76, 5931 (1954) 
Moore, Analyt. Chem., 29, 941 (1957) 
Heisic and T. E. Hicks, U.S.A.E.C. Report UCRL-1169 (1952). 
N aME and G. L. Mites, J. /norg. Nucl. Chem. 3, 54 (1956). 
Moore and J. E. HUDGENS, Analyt. Chem. 29, 1767 (1957). 
RuBIN snd T. VERMEULEN, U.S.A.E.C. Report UCRL-400 (1949). 
Best, E. Hestorp and H. A. C. McKay, J. Jnorg. Nucl. Chem. 6, 328 (1958). 
C. HINDMAN, J. Amer. Chem. Soc. 73, 1744 (1951). 
E. CONNICK, M. Kasua, W. H. McVey and G. E. SHELINE, The Transuranium Elements (Edited by 
C. D. CorRNeLL and N. SUGARMAN) NNES, Plutonium Project Record, Div. IV, Vol. 14B p. 529 
(1949). McGraw-Hill, New York. 
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Equilibrations were carried out at room temperature (21-23°C) as previously described.’ The 
concentration of each phase was determined by evaporating aliquot portions to dryness on stainless 


disks'’’ and determining the residual activity with an «-scintillation counter. 














Log [TBP] 


Fic. 1.—The variation in the distribution coefficient of thorium when increasing concentra- 
tions of TBP are added to a fixed concentration of TTA. Curve 1. 0:02; Curve 2. 0-01; 
Curve 3. 0-005; Curve 4. 0-002 M TTA. 


RESULTS 


Preliminary studies with uranium (IV) showed that although the extractable 
complex with TTA (UX,) was quite stable in solution, the addition of TBP provoked 
rapid oxidation, so that the species extracted was in fact UO,X,-TBP.”) Greater 
success attended measurements with Th(IV), Np(IV) and Pu(IV). 

Fig. 1 shows the effect of increasing quantities of TBP on the solvent extraction of 
thorium from 0:1 N nitric acid into solutions containing fixed quantities (2:5, 10 and 
20 mM respectively) of TTA in cyclohexane. Fig. 2 presents comparable data for the 
variation in log g with changes in log [TTA] for three fixed concentrations of TBP. 
Figs. 3 and 4 display the results of similar measurements in which the TBP was replaced 
by TBPO. 

It is at once obvious that the behaviour of these systems is less simple than that 
encountered previously with the hexavalent actinides."”) It is impossible to reproduce 
the data by a series of parallel lines whose integral slopes establish the stoicheiometry 
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e distribution coefficient of thorium when increasing concentra- 
fixed concentration of TBP ({TTA] {[TBP]). Curve 1. 10 
2 10-*; Curve 3. 2 10-° M TBP. 








| 


| \ e « it ficient of thorium with increasing concentrations 
TBPO 1 concentration of Curve 1. 0-02; Curve 2. 0-01; Curve 3. 0-005; 
. 0-002 M TTA. 
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of the species extracted. At best the results shown in Fig. 1 can be represented by a 


series of straight lines increasing in gradient from 0-8 to 1-2 as the concentration of TTA 
. 


increases. Graphs of log g against log [TTA] (at constant) [TBP] shown in Fig. 

cannot be represented by straight lines at all and their gradients change from three at 
low [TTA] to one at higher [TTA]. With the neutral ligand TBPO the results appear 
still more confusing. Although the gradient of the graph of log g against log [TBPO] at 














2 
Log [TTA] 


« 


F 


. 4.—The variation in the distribution coefficient of thorium increasing concentrations of 
A for fixed concentrations of TBPO. Curve 1. 4 10-°; Curve 2. 1 10-° M TBPO. 


IG 
rl 
fixed [TTA] is unity (Fig. 3), the dependence on log [TTA] at fixed [TBPO] is only 0-6 
(Fig. 4), an astonishing decrease from the value of four found for the extraction of 
thorium by TTA alone.®:4.*) It thus appears that in the extraction of Th(IV) by mixtures 
of TTA and TBP at least one molecule of TTA has been replaced: to preserve electro- 
neutrality the concomitant co-ordination of an equivalent number of nitrate ions must 
be postulated. 

This decrease in TTA content cannot be due simply to hydrolysis and the formation 
of species such as ThX,(OH),_,, containing less than four molecules of TTA per atom 
of thorium”? for the value of the first hydrolysis constant of Th** is given”? by *A, 
[Th(OH)**] [H*]/[Th**] = 10-*3 and it can be shown that the concentration of 
Th(QH)** will be negligible under the experimental conditions. 

It is easily shown that P49 = poy)Kuxa'(Kux/pxu), Where the partition co- 
efficients for the species MX, and HX are defined by pyyy) = [MX4]io)/[MXy]iaq) and 
Pux [HX](9)/[HX]iaqg) and their equilibrium constants by Ayx, [MX,] 
[M]aq[XPrag), and Kyx = [H*](aq)[X~]aq)/[HX](aq). When comparing the values of 
(mixed) equilibrium constants (4,9 for systems containing the same ligand HX but 

main the same provided 
the concentration of ligand in the organic diluent is low and of the same order. 
Comparisons of the ratio of values of (5, ) for two different metals cannot legitimately 
be taken as indicating numerically equal ratios for the stabilities of their metal 
complexes (as has frequently been assumed in published papers in this field of solvent 


extraction) unless they have identical partition coefficients. From the arguments 


(5) Chem. Soc. Special Publ. ‘Stability Constants” Part I, 6 (1958). 
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in Part II it would seem entirely exceptional if the value of pyx, for 
should be greater than those for geometrically similar molecules by several 
mnitude. The differences between the values of /,, for the large thorium 

that for U* (1-5 10*) or Pu** (1-4 10°) must surely be due pre- 

y to the much lower stability of the thorium complex. If this is the case the 
nent of one or more molecules of TTA by TBP or TBPO becomes explicable. 


ilues of the mixed equilibrium constants 





[M(NOs),,:2S]o[H*], —— [H*Kae 
[M J iq [HNOS\f, ASTag [HNO]. LSTo 





> T } tT nD 
ILACLIVOTII 


M nHNOs;aq) + 2S) = M(NOs),,2Sio)+- nH (2) 


iere is a neutral donor molecule and M an n-valent metal and n = 2 or 4) 
ease in the case of uranium (VI) (M UO,*) when TBP (/ » 1-4) is replaced 
rBPO (f, 5 = 9°6 « 10%). Even after allowing for an appreciably greater partition 
values clearly demonstrate the greater co-ordinating power of the 

\ similar effect will be expected in adducts with thorium. 
0-0012 obtained for the extraction of thorium from 0-1M nitric 
'M TBPO in cyclohexane leads to the result {) , = 5 « 10°. From the 


and fi), it is easy to show that 
Poe  [TBPO}, [HNO ]Ay, 
* [HX], 





40 
10-*[TBPO};,, /[HX]%) (3) 
the displacement of the chelating agent by TBPO will be considerable. If [TTA] 
0-002 M, the TBPO adduct will predominate when [TBPO] ~ 10~* M. It is thus easy 
to understand why this ligand will promote the formation of species such as 
rhX,(NO,),_,,.xS. The decrease in the dependence of log g on log [TTA] from 3 to 1 
as the concentration of the chelating agent is increased (Fig. 2) is probably a con- 
- of the low stability of the complexes formed and the enhanced opportunities 
association of the uncombined TTA and TBP as has been described for 
n (VI) in Part I. 
lhe experimental results for the extraction of neptunium and plutonium (IV) from 
|-O M nitric acid into mixtures of TTA and TBP in cyc/ohexane are shown in Figs. 
5 and 6 (neptunium) and 7 and 8 (plutonium). Results for systems in which TBP has 
been replaced by TBPO appear in Figs. 9 and 10 (neptunium) and 11 and 12 
(plutonium). The slopes of the lines which give the best fit to the experimental data 


in aqueous phase of 0-1 M nitric acid. If [TTA] = 0-02 M, and [TBPO] ~ 10-* M 


LILY’ 


are summarized in Table 2 


These results differ from those obtained with the hexavalent actinides":* in that 
the slopes are non-integral and do not, in general, even approximate to whole numbers. 
[he behaviour of plutonium and neptunium seems to be fairly similar, but quite 
different from that already discussed for thorium. This is not altogether surprising 
in view of the greater stability of the complexes of Np(IV) and Pu(IV) with TTA 
(Table 1), which suggests that the displacement of the chelating agent by the donor 
ligand TBP (and to a greater extent by TBPO) should be a less significant feature with 
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in the distribution 
coefficient of neptunium(IV) with increasing 
Log [TBP] amounts of TTA added to a fixed concen- 
tration of TBP. Curve 1. 5 10-*; Curve 2. 
Fic. 5.—The variation in the distribution coefficient of 10-3: Curve 3. 2-5 & 10-4: Curve 4. 10-4 M 
neptunium(IV) when increasing quantities of TBP are TBP 
added to a fixed concentration of TTA. Curve 1. 0-02; 


Curve 2.0-01; Curve 3. 0-005; Curve 4. 0-002 M TTA. 


Fic. 6.—The variation 


these elements than was the case with thorium. Nevertheless, to explain the non- 
integral values (Table 2) it is necessary to postulate that the synergic effect is due to a 
displacement of molecules of the chelating agent and the co-extraction of species such 
as MX,, MX,(NO,)°S and MX,(NOsz3)o°2S. 

In the system Pu(IV)-TTA-—TBP, where the dependence of log g on log [TTA] and 
log [TBP] was 3 and 0-6 respectively, it seems probable that only the two species PuX, 
and PuX,(NO,)-TBP need be considered. We may then write 


[PuX,];9) + [PuX,(NO,)-TBP],,, 


[Put Jcaq) 





(24 [Put] [HX}*/[H*}) + (83, [Put*] [HX]* [HNO,] [TBP]/[H*}) 


[Pu**] 





where the subscripts (0) and (aq) have been omitted and 


[PuX,(NO,)-TBP],[H*} aq) 
[Put*],aq[HX}*, [HNOs]raq{TBP]io) | 








H. IRvinG and D. N. EDGINGTON 




















2 





Log [TTA] 


Fic. 8 The variation in the distribution 
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Curve 4. 10 


“ concentrations ol 
4 - 
ITA wally , tration of TBP. Curve 
2 10-4 


0-005 M 10-°. Curve 
M TBP. 


juation (4) we obtain 


CUud 


1 


lo 4 ‘iMles 


Fig. 13 shows a plot of log Y against log (1 


[HNO x) aq) [TBP], 


bs 
10 


i 
-37 and the 


ental data. 
xX) log 


~© gives the value of log /Pyy 
asymptotes occurs where the value of log (1 

Le when log la + §-57. 
to the formation of extractable species proceeded not by 


reaction leading 

ent of TTA by TBP but by simple addition (as in the case of hexavalent 
plutonium,"-? i.e. by the reaction 
Pu? 4HX,, TBP,, PuX,TBP,, 4H, (6) 
number is increased to nine, a similar treatment would 


n 


co-ordination 
result 
+ [TBP] ,o) (7) 


174.0 
D. Dyrssen and L. Kt CA, ibid., 14, 1945 (1960). 


1771 (1957); 
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0-01; Curve 3. 0-005; Curve 4.0-002 M TTA. Theoreti- rr 
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cal extraction curves calculated from equation (10) using 
pres 4 > 
the values /), 1-4 x 10°, p 10", and /), “5 Fic. 10.—The variation in the distribution 


2 


ior 


10" are shown as continuous lines. The broken lines coefficient of neptunium (IV) when increas- 
are of constant gradient 1-4. ing concentrations of TTA are added to a 
fixed concentration of TBPO. Curve 1. 2 


10-*; Curve 2. 10-4; Curve 3; 5 10 
Curve 4: 2 10-° M TBPO. 


where /),, is the equilibrium constant of process (6). A test of this equation (Fig. 14) 
shows that the experimental data do not conform to a single curve of the type 
log Y = log (1 X)as in the previous case, and this may be taken as strong evidence 
against this hypothesis. 

The experimental results for the system Np (IV)-TTA-TBP were treated in a 
similar manner (Fig. 15) and led to the constants summarized in Table 3. Here again 
a test of the alternative hypothesis of simple adduction of TBP to the tetrakis-complex 
PuX, (cf. equation 6) showed that this was untenable. 

If K,, is the (mixed) equilibrium constant for the reaction 


MX4i9) + HNOgaq) ++ TBP() = MX (NO) - TBP,9) + HX) 


it follows that Kz , = [3 .4/f4.9 (see Table 3). 
The (homogeneous) equilibrium constant for the reaction 


NpX 419) PuX.,(NO.)- TBP) PuX 49) NpX,(NO,) - TBP,,) (9) 
PA4 3 3 PAs 3 


is numerically equal to (Ks 1) xp/(K31)/pu = 2, demonstrating the very slighly greater 
tendency for a molecule of TTA to be displaced from neptunium to form the mixed 


complex NpX,(NO3;)-TBP. 
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Fic. 12.—The variation in the distribution 
coefficient of plutonium(IV) when increas- 
ing concentrations of TTA are added to a 
fixed concentration of TBPO. Curve 1. 
2 10-*; Curve 2.10-*; Curve 3.5 
10-° M TBPO. 
TABLE 2.—INTERPRETATION OF EXPERIMENTAL DATA ON THE SOLVENT EXTRACTION OF 
Np(lV)} AND Pu(IV) FROM 1:0M NITRIC ACID BY MIXTURES OF TTA AND TBP (OR TBPO) 





Mixtures of TTA and TBP Mixtures of TTA and TBPO 


Metal 
Dependence on* Dependence on* 


[TTA] [TBP] [TBP] [TBPO] 


Thorium 0-8-1-2 
Nept m 


eptuniu 


1-0 
0-9 ; 1:4 
Plutoniun 0-6 1:2 





ven are the gradients of the log.-log. plots shown in Figs. 1-12 inclusive. 


When TBP is replaced by TBPO appreciably greater displacement of the chelated 
TA occurs, and in order to explain the non-integral gradients of the plots of lo 


against log [T BPO] and log [TTA] (1-4 and 2:1 for neptunium, Figs. 9 and 10; 
and 2-4 for plutonium, Figs. 11 and 12 


| 
|: 


5 


) it is necessary to postulate the co-extraction 
of three species viz. MX,(NO;)-TBPO and MX,(NO3),"2TBPO in addition to MX,. 
his introduces complications into any mathematical evaluation of the experimental 
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Fic. 13.—Graphical proof that equations (4) and (5) adequately represent the solvent extrac- 
I y rey 


tion of Pu(l[V) by mixtures of TTA and TBP and the determination of values for 6, ,, and (..,. 
> 4 3,1 





Log [Hl.q /[Hx]* 











-4 
Log [TBP] 
14.—Graphical proof that equation (6) is not a valid representation of the solvent 
extraction of plutonium (IV) by mixtures of TTA and TBP. 


data. In order to obtain approximations to the values of /49, Ps, and Pz » (the latter 
defined by 


[MX.(NOs)*2T BPO];o) [H*]},,. | 
[M4*] (aq [HX]o) [HNO3]i,.4) (TBPO], 


(aq) (0) 
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eptunium (IV) by mixtures of TBP and TTA. Graphica 


ition (5) and the calculation of values for the hy and 


QUILIBRIUM CONSTANTS FOR THE SYSTEMS Pu(IV)—TTA 


rBP AND Np(IV)-TrA—TBP 


eated graphically as before by plotting values of log [H*]}*q¢/[HX} 
of log [HNO,][TBPO]/[HX]. On the assumption that /, , = 0, values 
6°37 oad log P, , = 9°68 could be calculated for plutonium (IV). This 
, is in good agreement with that previously reported!” (cf. Table 1) 

for the co-extraction of the species MX,, MX,(NO,)-TBPO and 


2TBPO are satisfied by the equation 





[HXP[HNO.|[TBPO] | [HX]?{[HNO,]}?{TBPO}? 


~ (10) 
[H*}* 


6-37 and substituting experimental data into this 


Lo 
I 


vent in the convenient linear form 


(11) 


,} 


| (HNO, ] BPO)) 7 [HNO, sI(TBPO}) , 
THX] ba 


n 8 10"! were obtained. Values of g for various 
(T BPO]. calculated from equation (10) by using these values for 
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the three equilibrium constants, gave the calculated extraction curves shown by 
continuous lines in Fig. 11. The agreement with the experimental data is least satis- 
factory when the concentration of TBPO approaches that of TTA, but it is probably 
sufficient to establish the essential correctness of the hypothesis that co-extraction of 
(at least) three mixed species is taking place. 

Similar treatment of the experimental data for the system Np(IV)-TTA-TBPO 
HNO, led to the following values for equilibrium constants: /, 1-4 « 10°, 


TABLE 3.—EQUILIBRIUM (MIXED) CONSTANTS FOR SEVERAL EXTRACTION SYSTEMS INVOLVING TTA, 
(OR TBPO) AND Np (or) Pu(IV) 





Og P4.0 log Psy log K;., Og | 


TTA-TBP 

Neptunium 

Plutonium 

[TA-TBPO 

Neptunium 5: 11: 
Plutonium . ; 11- 








} 


3,1 4 
these parameters with the aid of equation (10) are shown as continuous curves in 


10°, and fy. = 2° 10". Theoretical extraction curves calculated from 
Fig. 9. The agreement with the experimental points is quite good for the most con- 
centrated solutions of TTA but once again marked divergences appear as the con- 
centration of TBPO increases and approaches that of the diketone. 

Since the slope of the plot of log g against log [TBPO] for neptunium(IV) at a 
constant concentration of TTA (Fig. 6) is about 1-4, it is reasonable to enquire 
whether this is sufficient indication of the formation of a binuclear complex with two 
atoms of neptunium and three molecules of the neutral ligand (theoretical slope 1-5). 
Since the corresponding gradients for Pu (1V) with TBPO and for both actinides with 
IBP are also far from integral (Table 2) even if dimerisation is postulated, and since 
there is reasonable agreement between the experimental values of g and those cal- 
culated on the basis of the simpler hypothesis given above, there does not seem much 
support for the hypothesis of dimerization, which could only be established by more 
extensive measurements in which the concentration of the metal is varied over as wide 
a range as practicable. 

lable 3 summarizes the values of equilibrium constants obtained for mixtures of 
ITA with TBPO. 


The equilibrium constant K, , for the displacement reaction 
MX,(NO.) - TBPO,, HNO. a rBPO,, 
MX,(NOz3).° 2TBPO,, HX io 


is given by Ky 4 My 9/P3.4- For the homogeneous reaction 


NpX,(NO3)-TBPO,,, + PuX,(NOs). - TBPO 
PuX,(NO,)- TBPO,,) + NpX.(NO,).*TBPO — (13) 


we have (Ko »)xp/(Ke.2)py = 3:2, again showing the slightly greater tendency with 


b 


neptunium for chelated molecules of TTA to be replaced by a donor molecule such 


as TBPO. 
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In the systems under discussion the synergic effect does not appear to have been 
due to the replacement of a molecule of water by a neutral donor molecule or to the 
simple addition of donor molecules to a chelated complex as has been demonstrated 
with hexavalent uranium and plutonium."*) On the contrary it appears that one or 
more molecules of chelating agent are displaced from an already co-ordinatively 
saturated complex by one or more molecules of the neutral donor component; an 
equivalent number of anions are simultaneously co-ordinated in order to preserve 
electroneutrality. This mechanism is essentially that which has been proposed to 
explain the synergic effect in systems containing mixtures of a dialkylphosphoric acid 
with a neutral donor."® For extractions from nitric acid the mechanism can be 
generalised thus: 

MX 410 nHNO,(aq) + .S MX,_,,(NQOs),,"77° Sig) nHX,) 
where the value of n increases as the donor power of the neutral component 
increases and as the stability of the metal-TTA complex decreases. For Np and 
Pu(IV) with S TBP, n [; for s TBPO, n 1 or 2. In each case an octa- 
co-ordinated complex must result, as shown by the following formulae for the species 
MX,, MX,(NO,)S and MX,(NOQO,),°2S: 


(11;S:TBPor 
TBPO) 


0 


where O represents the anion derived from CF,-CO-CH,°CO-C,H,S (TTA; HX). 


The results for thorium are somewhat anomalous for extractions with TBPO, for the 
species Th(NO,),;X:2TBPO would be only hexa-co-ordinated (as IV) unless the 
displacement of TTA favours the simultaneous co-ordination of water as well as 


tributylphosphine oxide 
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ION EXCHANGE IN MIXED SOLVENTS—V 


THE DISTRIBUTION OF HEXAVALENT URANIUM BETWEEN ALCOHOL- 
HYDROCHLORIC ACID SOLUTIONS AND THE STRONGLY BASIC ANION 
EXCHANGER DOWEX-I—MECHANISM OF URANIUM ADSORPTION 


F. TERA and J. KORKISCH 
Analytical Institute of the University of Vienna, Austria 


(Received 19 January 1961; in revised form 25 February 1961) 


Abstract—The present work was carried out in order to examine the influence of aliphatic alcohols 
upon the adsorption of ura. im by the strongly basic anion exchanger Dowex-1. Equilibrium studies 
have shown that the adsorpt'.n of uranium as a chloride complex on the resin from solutions contain- 
ing aliphatic alcohols and hyurochloric acid increases with the concentration and chain length of the 
alcohol, with decreasing dielectric constant of the medium and with increasing hydrochloric acid 


concentration. The structure of the adsorbed uranium complex has been deduced from these results. 


THE first comprehensive study of the adsorption of uranium from hydrochloric acid 


media by strong base anion-exchange resins was reported by KRAus and NE LSON"), 


and the application of ion exchange to analytical and radiochemical separations has 
since received much attention. Previous work on ion exchange in mixed solvents? 
showed that the adsorption of all the elements studied on strongly basic anion 
exchangers is much higher than from the pure aqueous acids.” In this way it proved 
possible to develop analytical methods for the separation of uranium and thorium 
from many elements. The present work helps to throw light on the possible mechanism 
of adsorption of uranium from hydrochloric acid—alcohol mixtures by the strongly 
basic anion exchanger Dowex-]. 


EXPERIMENTAI 
Solutions and reagents 
Air-dried Dowex-1 X8 (100-200 mesh, chloride form) was used. The aliphatic alcohols (methanol, 
ethanol, n-propanol, isopropanol, n-butanol, isobutanol and a mixture of the amyl alcohols) were 
reagent grade solvents. The standard solution of uranium contained reagent grade uranyl chloride 
dissolved in 6 N hydrochloric acid. Uranium was determined by the method previously described." 


Determination of distribution coefficients 


The distribution coefficients K, were determined in volumes of 25 and 50 ml using appropriate 
amounts of standard uranyl solution, HCI, and the appropriate alcohol. One gramme of resin was 
added to each solution, and the stoppered flasks were shaken vigorously for 24 hr. The resin was 
then filtered off and the uranium determined in the filtrate 


Determination of exchange capacities 
Chloride capacity. The capacity of the resin was found to be 3-4 mg equiv./g dry resin. 
Uranium capacity. This capacity was determined by measuring the distribution coefficients of 


1) K. A. Kraus and F. NEeLson, Proceedings International Conference on the Peaceful Uses of Atomic Energy 
Geneva (1955), Vol. 7, p. 113. United Nations (1956). 

2) J. Korxiscu, P. ANTAL and F. Hecut, J. /norg. Nucl. Chem. 14, 247 (1960). 

3) J. KorKISCH and F. TERA, J. Inorg. Nucl. Chem. 15, 177 (1960). 

1) F, Tera, J. KorKIscH and F. Hecut, J. /norg. Nucl. Chem. 16, 345 (1961). 
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90 per cent ethanol-10 per cent 6 N hydrochloric acid mixtures at different 
ns. The maximum capacity of the resin corresponds to the lowest K,. A value 
to correspond to practically complete saturation, and is found when the 

inium is 1000 mg uranium/50 ml. The maximum capacity thus found was 412°5 


r ) 
resil 














RESULTS 


Fig. | shows the effect of the alcohol concentration (in mixtures of 6 N HCl—alcohol) 


LiIC © 


on the distribution coefficient K,, defined as 


ug uranium/g resin 


ug uranium/ml solution 


The curves show that the adsorption of uranium on the resin increases with increasing 
alcohol concentration and with increasing chain length in the alcohols concerned. 
lo avoid confusion no curves have been drawn through the values for amyl alcohol 
mixtures and for the same reason the results obtained in isopropanol and isobutanol 
mixtures are recorded separately in Table 1; this shows that adsorption from such 
mixtures is higher than from identical solutions containing the corresponding 
n-aclohols (compare the results for n-propanol and n-butanol in Fig. 1 with those 


shown in Table 1). 





lon exchange in mixed solvents—\V 


In Table 2 the relationship is shown between the dielectric constants of the alcohols 
employed and the distribution coefficients of uranium in 99 per cent alcohol-1 per cent 
6 N hydrochloric acid mixtures of these alcohols. From these results it is evident 
that the distribution coefficient for uranium increases with decreasing dielectric 
constant. 


TABLE |. 


Alcohol (°%) K, in isopropanol mixtures K, in isobutanol mixtures 


99 10° 10° 
96 4 10 10° 
90 ; 10 10° 
80 8 10 ¢ 10° 
60 10° 5°8 10° 
30 8 10° 8 10° 

10° ; 10° 


Dielectric constant 
Solvent 

at room temperature 
Water 
Methanol 
Ethanol 
n-propanol 
n-butanol 
Amyl alcohol 


co NO 


oN PN 
AY 


AY 


Acetone* 
Dioxane* 
Ethyleneglycol* 


2 
iin 





* These solvents were chosen to show the effect of the dielectric 
constant on the adsorption of uranium more clearly. 


Fig. 2 shows the influence of different hydrochloric acid concentrations ranging 
from distilled water to 6 N hydrochloric acid in presence of 90-99 per cent methanol. 
The distribution coefficients of uranium in 90 per cent methanol mixtures increase with 
increasing acid concentration, whereas at alcohol concentrations exceeding 92 per cent 
the adsorption of uranium is higher in 4 N hydrochloric acid-methanol mixtures than 
in mixtures of methanol with 6 N hydrochloric acid. In alcohol-free hydrochloric acid 
solutions the steady increase in K, with increasing acid normality was previously 
observed by KRAus and NeLson.") In earlier work by KorkIscH ef a/.) on the 
study of the adsorption of uranium from hydrochloric acid—ethanol mixtures it was 
found that the adsorption of uranium on the resin increased with increasing concen- 
trations of acid and of ethanol. 

Fig. 3 shows that in the concentration range 5—50 mg uranium/50 ml K, shows an 
average value of about 6770. On increasing the uranium concentration the value for K,, 
decreases very rapidly, which supports our assumption that only one form of uranium 
complex exists at all uranium concentrations. 


1] 
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DISCUSSION 
iranium adsorption by the resin can be explained by 


lissociation is repressed owing to the low dielectric 


i 


lissociated molecules may then be directly adsorbed by 


. (as for instance (R,Cl),(UO,Cl,)) 


olecules ad sorbed. I 


[his view is supported 
ce of hydrochloric acid uranium is also adsorbed from 
ianol only (Fig. 2) where there is no possibility of 
rged complexes. 

adsorption with increasing hydrochloric acid concentration™ is also 


> findings, since the dissociation of | O.Cl, will be repressed by 


The formation of negatively-charged complexes 


t 


enhance adsorption of uranium and may explain the 


hydrochloric acid mixtures K, is much higher than in identical 
nixtures containing no acid. 





lon exchange in mixed solvents—\ 


(b) The increase in K, with increasing hydrochloric acid concentration in alcohol 
hydrochloric acid mixtures (Fig. 2 cf. its increase in aqueous hydrochloric acid 
solutions )). 

Determination of the exchange capacities for chloride and uranium suggest that a 


complex of the following formula is present on the resin: UO,Cl,?~. On this assump- 
tion the theoretical capacity of the resin for uranium should be 3-4  238/2 = 404-6 mg 


uranium/g dry resin. The experimental value of 412-5 is in good agreement with the 


theoretical value given above. 
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ANTOINE VAPOUR-PRESSURE EQUATIONS AND HEATS 
OF VAPORIZATION FOR THE DIMETHYLS OF ZINC, 
CADMIUM AND MERCURY 


L. H. LoNG and J. CATTANACH 


Chemistry Department, University of Exeter, England 
( Receit ed 17 February 1961) 


Abstract—Accurate vapour-pressure data over the range below atmospheric pressure have been 
determined for highly purified specimens of zinc dimethyl and mercury dimethyl, and the corrected 
values obtained used to derive the corresponding Antoine equations, corrected boiling points, heats 
)f vaporization and Trouton constants. The corresponding values for cadmium dimethyl are com- 

from published data. The rather anomalous values for cadmium dimethyl are not to be 


1 to association 


ited 


ALTHOUGH precision vapour-pressure data for cadmium dimethyl have been re- 
ported,"'*) published values “?) for zinc dimethyl and mercury dimethyl are of a lower 


order of accuracy (and in the case of zinc dimethyl were obtained with a specimen 


which, according to its mode of preparation from methyl iodide, was in all probability 
seriously contaminated). The plot of log p vs. reciprocal temperature is in fact close to 
linear for none of these compounds. For these reasons, a more accurate re-investiga- 
tion of the zinc and mercury compounds using the highly purified materials which had 


1 


been prepared for another purpose seemed well worth while. 


MATERIALS AND PROCEDURI 


ury dimethyl was prepared from methyl magnesium iodide and mercuric chloride 
uccording to the method'®) of GILMAN and Brown. After thorough drying with anhydrous calcium 
chloride it was purified by four successive fractionations through a 1 m column packed with glass 
es, appreciable head and tail fractions being rejected with each operation. The final product 
has a corrected boiling point of 92-5°C. 
me of the mercury dimethyl was converted to zinc dimethyl by prolonged heating with excess 
nalgam at 100°C in a sealed tube (This method is greatly to be preferred to the usual method 
from methyl iodide and zinc-copper couple’) which gives a product from which the last traces of 
methyl iodide, on account of its similar volatility, cannot'*’ be separated by fractionation.) The zinc 
dimethyl obtained was rigorously purified by repeated fractional condensation in vacuo until the 
head, middle and tail fractions exhibited identical vapour pressures. 
or both compounds the vapour pressures were studied over the range 10-760 mm. For the 
rature region below room temperature, this was accomplished in the usual way in high-vacuum 
itus using a manometer with an antiparallax mirror scale which could be read to within 0-1 mm 
ie aid of a len The temperature was recorded with a thermometer calibrated in tenths of a 
, the measurements were repeated on a second sample. Above room temperature 
asurements were carried out according to a method described elsewhere.'*’ All temperature 
NDERSON and H. A. TAyLor, J. Phys. Chem. 56, 161 (1952). 
J. Amer. Chem. Soc. 78, 1081 (1956) 
D W. LinnettT, Trans. Faraday Soc. 32, 681 (1936) 
J. CATTANACH and H. Lona, Trans. Faraday Soc. 56, 1286 (1960) 
H. GILMAN and R. E. Brown, J. Amer. Chem. Soc. 52, 3314 (1930) 
E. FRANKLAND and B. F. Duppa, J. Chem. Soc. 17, 28 (1864); Liebigs Ann. 130, 117 (1864) 
R. R. RENSHAW and C. E. GrREENLAW, J. Amer. Chem. Soc. 42, 1472 (1920). 
C. H. BAmMForpb, D. L. Levi and D. M. Newitt, J. Chem. Soc. 468 (1946). 
R. T. SANDERSON, Vacuum Manipulation of Volatile Compounds, p. 83. J. Wiley, New York (1948). 


340 





~ 


Antoine vapour-pressure equations and heats of vaporization for the dimethyls 34] 


measurements were corrected for exposed thermometer stem and all pressure measurements reduced 
to values for mercury at 0°C and standard gravity. 
RESULTS AND DISCUSSION 
About fifty separate measurements were recorded for zinc dimethyl and about 


thirty for mercury dimethyl. From these the well spaced values listed in Tables | and 2 


TABLE 1.—EXPERIMENTAL AND CALCULATED VAPOUR-PRESSURE VALUES FOR Zn(CHs)> 





Temperature Vapour-pressure (mm) Vapour-pressure (mm) 
i. observed calculated from Antoine constants 


34:6 16:1 
19-4 
5.5 


11-1 





TABLE 2. 


Temperature Vapour-pressure (mm) Vapour-pressure (mm) 
) observed calculated from Antoine constants 


11-2 8-7 
0-8 17:7 
8-0 26:4 
23-7 58-8 
35-8 102-0 
51-7 192-9 
64-0 305 

85:1 608 


were selected and used as described" elsewhere to derive the constants for the 


Antoine equation 


logio Pmm 
(where ¢ is the temperature in degrees Centigrade). The constants are presented in 
Table 3, and very accurately reproduce the experimental vapour-pressures over the 


TABLE 3.—ANTOINE CONSTANTS, BOILING POINTS AND HEATS OF VAPORIZATION 
oF Zn(CHs)2, Cd(CHs)2 AND Hg(CHs)2 


Heat of 
Range Mean b.p vaporization Trouton’s 


Antoine constants 


(mm) deviation  (corr.) | at 25°C (corr.) | constant 
B ( fa te (kcal/mole) 


Zn(CHs). 10-760 | 6:76271 1009-3 ? } 7-058 
Cd(CHs)2* 2-760 6:71742 1165-0 5 9-528 
He(CH;). 10-760 7-01688 1342-2 2 ? a 8-264 


* Calculated from the data of ANDERSON and TAYLOR 


G. W. THompson, Chem. Rev. 38, 1 (1946) 





L. H. LONG and J. CATTANACH 


whole range, as can be verified by comparing the second and third columns in both 
Tables | and 2. 

For the sake of completeness, the vapour-pressure relation for cadmium dimethyl 
has been recalculated in the form of the Antoine equation and included in Table 3. 
Of the two published sets of vapour-pressure data, the measurements" of ANDERSON 

TAYLOR were utilized in preference to those“? of L1, not only because the latter do 

end above 23°C, but because his product was almost certainly contaminated 

with mercury dimethyl arising from a room-temperature reaction”) with the mercury 
of his manometer. This conclusion is confirmed by the fact that Li’s specimen melted 
about 0:3°C lower than the value of —2-4°C observed") by other workers, and also 
exhibited a vapour-pressure at the melting point some 20 per cent higher than the 


sample of ANDERSON and TAYLOR. In addition, it yielded a value for the heat of 


aporization by direct measurement approximately 10 per cent lower than that derived 


e from the vapour-pressure relation, a value, moreover, that corresponds to an 


unreasonable value for Trouton’s constant for a non-associated compound such as 
admium dimethyl. In accepting the data of ANDERSON and TAYLOR, it has been 
assumed (in the absence of any statement) that these investigators have already 
corrected the temperature and pressure measurements they report. 

From the Antoine equations, the heats of vaporization at 25°C have been calculated 
in the usual way. The values recorded in the penultimate column of Table 3 have been 
corrected for the volume taken up by the liquid in each case. There are no direct 
measurements of the heats of vaporization for comparison except the unreliable one 
for cadmium dimethyl already referred to. The heats of vaporization at the respective 
boiling points were also calculated and used to deduce the corresponding Trouton’s 
constants. In all cases these are normal for non-associated liquids, so that the anomal- 
ously high boiling point, high heat of vaporization and low C constant in the Antoine 
equation for cadmium dimethyl would appear not to arise from association, but 
rather from enhanced van der Waals forces arising from the anomalously long‘ 

ietal—carbon bond 
f us (J. C.) has been in receipt of a maintenance grant from the Department 
Researc 


W NorRISH. PA ra OV OC 241, 587 (1949) 
HEFF and R. TURNER inad. Phys. 38, 1516 (1960). 





NOTES 


(he thermal stability of hydrated titanium peroxide and of some peroxy 


titanium compounds 
Receives 1961) 


HYDRATED titanium peroxide, TiO.(OH),) and mplex peroxy titanium compounds having 
dicarboxylic acids ¢ ands have been prepared in a solid state. The peroxy compounds are: peroxy 
titanium alate, 20,.3H,O, peroxy titaniu ialonate, TiO,CH,C,O,.3H,O, and peroxy 
titani npounds with ligands of monocarboxylic acids 

Id not be prepared in the solid state, since 


room temperature 


compounds are deep red. The Riesenfeld- 
true peroxy group and are not perhydrates 
Infra-red spectra show hydroge ips, and from a pair of bands around 1025 cm 
and 900 cm 1 non-linear 1 *TOXY iy he greate1 stability of the peroxy group of these 
inds, as compared to those yl peroxides, suggests the absence of 


1 dialkyl peroxides'* 


suggests a triangular 


yunds is lost 


ter is loosely he 


that two moles of 

ter are co-ord ile : t l Al tr i | ] m { I \ diffraction tu s indicate that 

peroxide anc le peroxy titaniu calate, for example, 

on deperoxygenation or in X-ray diffraction 
pattern showing the crystall 

freshly precipitated a purified titanium 

bsequent precipitation on standing. The 

desiccator. Peroxy tita m oxalate” and 

prepare d by a similar 

perOxy ye he pe le was 60 per cent, while in the other compounds it 


O peroxy 


th chromel—alumel 


nermoc | 


les 


thermal decon 


show sharp exothermic peaks due to the 
tT 


ing over after the DTA experi- 


affecting the organic 


ympounds and t f tl an 1 the hyd groups of the peroxide 
i 


» exothermic peak th my i the peroxy group of the peroxide occurs at 


and maleate at 100°C. These 


decomposition temperatures indica up of the peroxide is thermally the least 
stable and that of t the peroxy groups of the 
maionate and the maieate lies in { en inis oDservatio i ) coniormity with the rate of loss 


l. Sci. 44A, 287 ( 
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curves for the decomposition of the peroxy group of peroxy 


titanium compounds. 


[he relative instability of the peroxy group in these substances could be correlated with the 
suggested ring structure for the peroxy group. The higher decomposition temperatures for the 
peroxy groups of the peroxy titanium compounds show that the chelation in the other part of 
the molecule increases the relative stability of the peroxy group, probably because of the partial release 
of the strain on the peroxy ring. It seems that a five-membered oxalate ring imparts the maximum 
stability for the peroxy group as compared with the six- and seven-membered rings of malonate and 
maleate respectively, in the other part of the molecule. The order of the thermal stability of the 
peroxy group in peroxy titanium compounds is oxalate malonate ~ maleate peroxide of 
titanium 
icknowledgements—The authors are thankful to Prof. M. R. A. RAo for his keen interest in the work. 
G. V. JERE 
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The preparation and properties of disilanyl bromide* 
(Received 2 May 1961) 


In previous papers the preparation of several new disilanyl compounds from disilanyl iodide, 
SiH,SiH,I, has been reported."':?) Stock and Somieski'*) attempted the preparation of SiH,SiH,Br 
by allowing Si,H, to react with HBr in the presence of Al,Br, catalyst and although a substance was 
obtained which appeared to be the desired compound it was not analysed or characterized since it 
decomposed rapidly even atO°. It was suggested that the thermé il insté ibility of the compound might 
have been caused by the presence of traces of Al,Br, which could not be separated from the SiH SiH.- 
Br and which cats ilysed its decomposition. The present study was carried out for the purpose of 
preparing SiH,SiH.Br by a method which would be less likely to permit contamination with Al,Br, 

In this investigation it has been found that disilanyl bromide, SiH SiH,Br, may be prepared in 
good yields by the reaction at room temperature of the vapour of disilanyl iodide with silver bromide 
It is sponte ineously inflammable in air and shows only very slight thermal decomposition when heated 
from 0° to 50° during five hours 

Disilanyl bromide alone, or when mixed with HBr, appears to undergo very little decomposition 
on standing for two and a half to three days at 0°. However in the presence of Al,Br, rapid de- 
composition occurs at 0. It therefore appears highly likely that the thermal instability of SiH,SiH,B1 
previously reported by Stock and Somieskt'*) was caused by the presence of traces of Al,Br,, impurity 
present in their samples. The bromide differs from SiH,SiH,I in not being attacked by mercury at 
room or elevated temperatures 

All apparatus, materials and techniques employed were similar to those described previously for 
the preparation of other disilanyl compounds.''” 

Preparation. The vapour of SiH,SiH,I (0-6456 g., vapour pressure at 0, 9-0 mm, literature 
value,'’) 9-5 mm) was passed twice at room temperature through a tube packed with alternate layers 
of gle iss wool and a mixture of reagent grade silver bromide (20 g) and white sand (40 g). The SiH;- 
SiH, »Br thus obtained was purified by repeatedly distilling it from a trap a 64° by way of a trap at 

112° into a trap at 196°. The condensate in the 112° trap was pure SiH,SiH,Br (0-285 g; 
59 per cent yield; mol. wt., found 142-0, caled., 141-1; vapour pressure at 0°, 4:50 cm) 
Analysis. SiH,SiH,Br (0:0935 g; vapour pressure at 0°, 4:50 cm; mol. wt., 142-0; calcd. 141-1), 


upon hydrolysis in a degassed solution composed of distilled water (15 ml), sodium hydroxide (5-5 g), 


ethanol (2 ml), and piperidine (2 ml), yielded, after warming to 50° on two occasions, 88-9 ml hydro- 
gen; calcd., 89-0 ml. Silicon was determined as SiO, after the ethanol and piperidine had been 
evaporated from the alkaline residues in a platinum basin. Silicon found, 39-7 percent; calcd., 
39-81 per cent 

The analysis for bromine (as AgBr) was carried out using another sample of SiH,SiH,Br (0-0727 g; 


97-2°) which was hydrolysed 


vapour pressure at 0°, 4-60 cm; mol. wt., 141-3; caled., 141-1; m.p., 
as above except that no piperidine was used; Br found, 57:2 per cent; calcd., 56-62 per cent 
Infra-red spectra. Infra-red spectra were observed at pressures of 3-4mm and 13-3mm. Ab- 
sorption maxima are as follows: 2190 cm! (s.), Si-H stretch; 1021 cm™* (w.); 944 cm™* (m.), 886 
cm~! (d.s.), 877 cm™! (d.s.), 818 cm™! (m.), 795 cm™! (d.v.s.), 781 cm™! (d.v.s.), 762 cm™! (w.) 751 


cm! (w.) SiH; and SiH, deformation and rocking." 


The spectra differ notably from that of SiH,Br° and other simple silyl compounds in showing 
absorption maxima in the range 760 cm~' to 880 cm~' and in this respect they are similar to other 


disilanyl compounds previously studied 


This report is based on portions of a thesis submitted by Lairp G. L. Warp to the Graduate School of 
the University of Pennsylvania in partial fulfillment of the requirements for the degree of Doctor of 
Philosophy. 

1) L. G. L. Warp and A. G. MacDiarmip, J. Amer. Chem. Soc. 82, 2151 (1960) 
L. G. L. Warp and A. G. MAcD1armip, J. Inorg. Nucl. Chem. in press, (1961) 
») A. Stock and K. Somieski, Ber. 53, 759 (1920). 
1) H. R. Linton and E. R. Nixon, Spectrochim. Acta 10, 299 (1958) 
H. R. Linton and E. R. Nixon, Spectrochim. Acta 12, 41 (1958). 
®) (i) D. W. Mayo, H. E. Opitz and J. S. Peake, J. Chem. Phys. 23, 1344 (1955). (i) C. NEWMAN, 
J. K. O’LoaANge, S. R. Poto and M. K. WILson, ibid. 25, 855 (1956) 
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Notes 


in the apparatus rose to 6°42 cm, and after a total of 75 min the pressure had risen to 8-33 cm, all 
pressures being measured at 0. Liquid phase was present throughout the experiment. After 75 min 


a trace of non-condensable gas was found to be present 


{cknowledgement—The authors wish to thank Dr. E. R. Nixon for helpful discussions on the interpre- 


tation of infrared spectral data 
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Some properties of the product formed by reacting cadmium oxide with 
molten ammonium nitrate 


(Received May 24, 1961: Revised June 16, 1961) 


[he recent preparation''’ of the ammine, Zn(NH,). (NO3)., from zinc oxide (1 mol) and molten 


ammonium nitrate (2 mols), prompted an investigation of the product formed by reacting 1 mol of 


cadmium oxide with 2 mols of molten ammonium nitrate 


Preparation 


12-8 g (0.1 mol) C.P. cadmium oxide was slowly added to 16.4 ¢ (0.2 mol) ammonium nitrate 


n 


melted in a beaker over a small bunsen flame. With the continued addition of cadmium oxide it was 


necessary to raise the temperature of the melt gradually. At no time was the temperature allowed to 
exceed 210 ¢ The cadmium oxide dissolved in the molten ammonium nitrate with effervescence and 
the fairly strong liberation of ammonia and water vz pou! 

On cooling the melt, a dirty white solid crystallised out. Cooling curve determinations showed 
that the solid was impure.'*’ The fre« zing points of different samples ranged from 200-205°C. No 
attempt was made to purify the solid 

The solid was completely soluble in dilute and concentrated mineral acids and molten ammonium 
nitrate, but was only slightly soluble in cold water without the evolution of heat. Had the solid been 
Cd(NO3),. (according to AUDRIETH and ScHMuipT,'*’ cadmium nitrate was the product formed by 
reacting 1 mol of cadmium oxide with 2 mols molten ammonium nitrate) it would have dissolved 


readily in water with the evolution of heat 


fnal\ +f 


[wo independent preparations were analysed a irying at 120 C for two hours. Only water 
was evolved during drying; the loss in weight was ~1.6 There was fairly close agreement between 
the analytical data obtained a hat calculated for Cd(NH,).(NOs3) 

Cd: found 41.3 ilc. 4 NH found 11.1 ze Jun CHC. 32.0 NO.’: found 
46.9°%, calc. 45.8 

Cadmium was determined by precipitation with 8-hydroxyqt inoline, ammonia by 
vith alkali followed by absorption in sulphu acid an ration with standar | 


by precipitation with nitron 


R. A. EpGe, J. Inorg. Nucl. Che (In | 
C. R. WITSCHONKE, Anal. Chem., 24, 35 
L. F. AUDRIETH and M. T. ScHmiptT, Proc. Nat. Acad. S 20, 223 (1934) 

') Gmelins Handbuch der Anorganischen Chemie, No. 33, Verlag Chemie, Berlin (1959) 
J. J. FLAGG, ““Organic reagents used in gravimet d volumetric analysis,’ Interscie 
(1948) 


A. 1. VoGer. “A Text-book of Quantit e Inorg nalysi Longmans, London (1951) 





Notes 


solid had been prepared in an ammonia atmosphere in order to prevent decomposition, 


ild probably have been a closer agreement between the analytical figure found for ammonia 
| yr Cd(NH,).(NO,); 

npound having the formula Cd(NH3).(NO3;). could be formed if two mols ammonium 

nd 1 mol cadmium oxide reacted as follows: 


CdO 2NH,NO, — Cd(NH3).(NO3). H.O 


imounts of solid in excess 0.1N HCI and back-titrating with 0.1N NaOH 


icator) values of 139-142 were obtained for the equivalent weight, which 
nded to the equivalent weight (135) of Cd(NH3).(NO3) 


| (NH,NO,:CdO) molar melt conducted electricity, showing the presence of ionic linkages 
m electrodes and a potential of 4 V d.c., a brown deposit of cadmium oxide was formed 
rhe gases evolved at the anode and cathode during electrolysis were not identified. 
occurs at the cathode, the formation of an oxide at this electrode is unusual. 

xide formation at the cathode could possibly be due to the nitrate ions present in the melt 


illy deposited cadmium. Dry nitrate ion is a much stronger oxidising agent than 


1) thermal decomposition of the 2:1 (NH,NO,;:CdO) molar melt was 
rhe explosive nature of the melt necessitated using only small quantities (0.5—1.0 g). 
water vapour and ammonium nitrate fumes were evolved from the commencement of 
ymposition. The water vapour was probably produced by the oxidation of the ammonia 
groups in Cd(NH;).(NO;). by atmospheric oxygen and by the nitrate ions present in 
nonium nitrate was probably formed from the vapour phase by the reaction '* 
4NO O 2H,.O 4NH > 4NH,NO,, 
1g formed by the oxidation of the ammonia and the — NH, groups 
n of 360 C a vigorous exothermic reaction commenced with the evolution of water, 
trate and a little nitrogen dioxide. The fumes evolved changed from alkaline to acid 
commencement of the vigorous decomposition. A black-coloured melt which further 
the evolution of nitrogen dioxide and oxygen was formed. A brown-black crust of 
xide remained behind from the thermal decomposition of the black melt. The percentage 
ium oxide obtained (found: 45-4 — 46°8°¢: calc. for Cd(NH;).(NO;).: 47°5%), 


al data (p. 2) 


The author is greatly indebted to Professor F. Sebba for his interest, encourage- 
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Decomposition of liquid borazine 
(Received 14 June 1961) 


that the decomposition of borazine in the liquid state results in the formation of 


g compounds previously observed in the pyrolysis of gaseous borazine at 380°C.".? 


yer, P. W. Moews, Jr., R. F. Porter, J. Amer. Chem. Soc. 83, 1337 (1961). A pre- 


1is reference was received during the course of this work 
Thesis, Cornell University, 1960 


e 





Notes 


ABLE |.—MASS SPECTRA* OF DECOMPOSITION PRODUCTS OF BORAZINI 


0° Fraction 15° Fraction 


Relative intensity Relative intensity 


This work LMP (2) This work LMP (2) 


0-6 


63° Fraction? 


rhe mass spectral data given are not complete. 
‘ m/e 31 is the strongest peak in the mass spectrum of thi 


S§ fraction 


rhe decomposition products of a five gramme sample of borazine* kept at ambient temperatures in 
a sealed container for approximately 33 months were studied in a vacuum system. A large pressure 
rise due to hydrogen was observed upon opening the container cooled in liquid air. After removing 
the non-condensable gas and transferring the readily volatile component (non-decomposed borazine) 
to another storage bulb, the somewhat volatile decomposition products were transferred to another 
liquid-air-cooled container by a prolonged trap-to-trap distillation. The original container was 
immersed periodically in hot water in order to promote the distillation. The material remaining in 


the original container after the distillation was a very viscous liquid that continued slowly to evolve 


H,; its composition is unknown. The volatile decomposition products were separated by pumping 
through traps kept at 0°, —15°, —45°, —63°, —78°, 112° and 190°¢ 
* Obtained from the Callery Chemical Company, courtesy of W. V. HouGH and H. S. Ucuipa; borazine 


initially 99 per cent pure (vapour pressure, mass spectral analysis), small trace of B,H, present. 


rhe separation consisted of several steps since only three traps were available 
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5 vs (br.) 


Ss 


20 m 


Atomic Double Bean 


\ 11SSO | 


e Mass spectrum, (see lable 1) showed that 
other m/e clusters of interest of considerably 
} 
i 


178 being the highest mass number observed 


1 those reported by LAUBENGAYER, MOEWs and 


PORTER (LMP) for B,N,l é rood indication that the 0 fraction was a mixture, 
T I valogue of diphenyl. #1/¢ 178 corresponds to the 
itive of B;N;Hg. It ts likely that this compound 
source of m/e cluster 126-133). The m/e clusters 


zed fragments of B,.N,H It is interesting to note that 


103B, courtesy 





Notes 


in the case of benzene, 1 lene d diphenyl, prominent peaks occur at 


ss numbers whic 


correspond to > lo ) »He, 12 , and 2 C,H, from the molecule For B,N3H, an intense 


m/e cluster occurs"? at m/e . Se - nie ve intensity 51 U) correspi nds to the loss of 
BNH;. Thus, one can expect the m numbers associated with the loss of BNH, (and BNH,-i or 
2H), and 2BNH prominent; this was found be the case nfra-red data obtained are 
given in Table 2: the agree! vit th lata nay not , { uted ft y to the use of 
CCl 


elting point of 2 1oted that both O° and 15° fractions 
supercooled to a great extent; for example, the ) ction remained liquid at for more than 
a month) he mass spectrum is given in Table | ag nent of the relat intensities of m/e 
1 the data reported by LMP is adequate hus, it is likel lat this fraction is predomi- 
H,., the B—N analogue of naphthalene { 
45° fraction contained a tra amount of B;N;H, as indicat yy the mass spectrum 
Borazine wi Iso present: t must ! - ad 1 the decomposition of another substance 
in the separation B.N.H 
The —63° fraction gave a mi | I which luded the m un Che relative 
intensities of the cluster 108—111 - I ib] ra >W i sent; again, it must bea 
lecomposition product since under the separa nditi used it is not retained by a trap cooled 
o —63 These observations indicate he m el is probably due to the unstable 
BN He, 2,4-diaminoborazine ne ma { 1OW tna ni action also contained trace 
mounts of B,;N-H,. 
The 78° fraction containe borazine and f 2,4-diaminoborazine. An 
inidentified m/e 90 was also present 


he 112° fraction consis 
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BOOK REVIEWS 


Russian Journal of Physical Chemistry. Published by the Chemical Society. Subscription £30 per 
(£ 10. 0 for libraries of Universities and Technical Colleges) 

r to cover” translation of the Zhurnal Fizicheskoi Khimii. Like the recent Russian 
ic Chemistry, it is printed in double columns on a large page (28 21-5 cm). The 
ies from the original, supplied with English legends and somewhat reduced in size. 

atical equations also appear to be copied and reduced. While they are in general clear, 
gain in legibility by a slight enlargement. The tables are reset. The translation seems 
d reads very well since all traces of Russian construction have been eliminated. The only 


re the English summaries and the headings of the sections which appear in each number of 


S ale 


: rnal after the main body of papers: Methods and Techniques of Physico-Chemical 

Research, Discussion, Letters to the Editor and New Items. The only misprint noticed is in the first 
of the first of these sections (p. 96): the first author’s name is R.Kh. BURSTEIN. 

ugh the separation of papers into appropriate journals is more thorough in Russian than in 

the inorganic chemist should find several papers to interest him here; for example, in the 

mber (July 1959), on the thermodynamics of carbides and nitrides, on potentiometric 


natography and on the formation of aluminium hydroxide. Both inorganic and physical 


nists will be grateful to the Chemical Society for performing this most useful service. 


R. PARSONS 


D. Yorre: Fast Reactions in Solids. Butterworths, London, 1958. ix 


THis book, written by two workers with pioneering experience in some of the fields they describe, is not 
textbook or monograph in the ordinary sense of those words. It is rather a personal statement of the 
supposed status of this field as seen from the authors’ laboratory—the experimental evidence being 
largely from domestic work and from symposia arranged by the senior author. As such it is not 
nsive, authoritative or even reliable account of the present position and is accordingly not 

or use by students unless they propose to specialise in this field of research. 
rt introduction, a cursory, unbalanced, ill-digested account of the slow decomposition 
of solids is given. This is perhaps the worst chapter in the book. It is followed by chapters on thermal 
explosions, explosions produced by shock and by flash photolysis and on the influence of recoiling 
ionizing radiations on decomposition and ignition. Some of the data in this latter 


chapter are of such poor quality that one is surprised to see them appear yet again. This criticism 


ipplies particularly to the thermal decomposition of neutron-irradiated lithium azide. The authors 
ippear still 1 to have confirmed that the effects observed are in fact due to the irradiation and are 
indeed outside the normal scatter associated with the influence of traces of water vapour and the aging 
matrix on this decomposition. On the other hand no effort has been wasted on 
nterpreting the data 

rhe remaining chapters deal with the little that is known about spontaneous explosions, about the 
fast growth of explosion and about a topic called “The structure and stability of inorganic com- 
pounds”. This title is misleading. The authors are really concerned with arguing the case for a 
correlation between explosive behaviour and the energy required to transfer an electron from an azide 

yn to a cation via the conduction band 
Finally it should be noted that an unacceptably large number of references is made to “unpublished 
ork’’, “dissertations”, “work to be published’’, and “private communications’. This modern 
tendency is always a nuisance to the reader, but in this particular case, where the authors have signally 
ailed to apply their well-known critical faculties to the selection of data from their own laboratory, 
eaders should note that if the supposed content of these references is reported as inaccurately as are 


the views alleged to be held by the present reviewer and his colleagues, they should be disregarded. 


D. A. YOUNG 








